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REACTION INDEX 


REAcTIONS for which rate data are given in the text are indexed below under the general headings 

A. Reactions in Gases 

B. Surface Reactions 

C. Reactions in Condensed Phases 
In each section, reactions of atoms, free radicals, ions, molecules and excited molecules are 
grouped together in alphabetical order of the reactant which characterizes the type of reaction. 
Reactant formulae as normally written are used in the case of non-aromatic molecules and 
reactant names are used for aromatic molecules and molecules of biological importance. Thus 
the reaction NO + O will be found under O + NO, reactions of CD, precede those of CF, 
which are followed by CH, reactions whilst CH,O, HO, and OH follow C,H,, in that order. 
Reactions are not indexed in more than one category. 

The rate data referred to may be in the form of rate constants, ratios of rate constants, 
Arrhenius parameters, recombination coefficients, reaction cross-sections or relative efficiencies 
of third bodies. Equilibrium constants are not included except insofar as they are used to 
obtain one rate constant from another. 


A. REACTIONS IN GASES 


page 
Atoms O + — 
(0 =2,3,45,0 
Br + RH--HBr +R 63,1161 
~ 
(R = H, CH,, C.H,, >CH,>O) 
Cl + RH-HCI4+R 62, 114 
r Cyc > 
(R = H, CH,, C.H,, >CH,>© ) + cyclo C,H, 
Cl 4+ 0, + + M O + CH;CHO 
(M = O,) 


F+RH-~-HF+R O+H,+OH +H 
>CH, > 
(R = CHy, C,H, C) 0+H,0~208 


H T C,H, C,H; 
O + NO-NO, + hy 
H + C,Hy, + 52, 54-56 
(n = 2, 3) O + NO-—-O,+N 


H + Hi + 52, 54-56 | O + NO+ M-+NO, + M 
(n = 2, 3, 4) (M = Ny, O,) 


H+H,~+H,+H 62 | O + N,O—-2NO 
H+ 0O,—-OH +H 45-47, 63 | NO, +O, + NO 
H + O, + + M 29, 47,48 | + NO, + M-»NO, + M 
(M = Hj) (M = N,) 
N+0O0+M-+NO+M 30 O+0+M-0,+M 
N+0,-NO+0 27 (M = Ar) 
261 
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51 35 
35, 36 
35 
35 
30 
59 
25, 26 
26, 27 
| 28, 29 
27 
27 
22 
18 
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page 
O+0,+M-—-0O;+M 19, 20, 22 
(M Ar, Co,, Hy, N,0, O,, Oy, SF,) 


O + O, +20, 20 
30 | 


O + SO, + 
(M = O,) 


M-SO,+M 


Free Radicals 
CD, + R ~CD,R 
(R CH,, C.H;, C,H;CD,) 
CF, + CF, >C,F, 


CF, + RH CF,H +R 
(R = CH,, C,H,, >CH, >) 

CF,Cl + R CF,CIR 
(R = CF,CICF,) 

n-C,F, + D, +n-C,F,D + D 

n-C,F; + RH ~n-C,F,H +R 
(R = H, CHy, cyclo-C,H,) 

CH, + R ~CH,R 
(R = CD,, CF;, CHs, C,H;, 

n-C,H;, CH,CHO, CH,COCH,) 

CH, + M-CH,M 
(M = C,H,, C.H,) 

CH, + RH~CH,+R 
(R = CH, —CH,, >CH,>©) 

CH, + RCHO — CH, + RCO 
(R = C,H;, C,;H,, C,H,) 

C,H, + C,H, + H 122 

C,H, + R-~C,H,;R 109, 110 
(R = C,H;, C,H,, CsF;, CgH,yCO) 

C.H,; + M+C,H,M 119 
(M = C,H,; C,H,; 1-C,H,,; 1-C; 
1-C;H,.; 1-C, 
2,4,4-(CH,),-1-C;H,) 

C,H, + +R 116 
(RD = D,;(CH,CD,),CO; (C,D,),CO) 
C,H, + C,H, ~ C,H, + C,H, 111 
C,H; + RH~C,H, +R 116, 117 
(RH cyclo-C,H io; 1-C;H,,; 

n-C,H,,; 1-C,H,,; trans-4-C,H,,; 

C,H;.CHO; CH,COC,H;; (C,H;),CO; 

(CH;CD,),CO; (C,H;),Hg; 
n-C,;H, C,H, H 122 
n-C,;H; C,H, + CH, 122 


n-C,H, R C,H.R 
(R = n-C;H,; n-C,H,) 


n-C,H, + M C,H,;M 
(M = C,H, 


n-C,H, + n-C,;H; C,H, + C 3H, 


n-C,H, + RH+C,H, +R 116, 
(RH = n-C,H,CHO; (n-C,H,),CO) 


i-C,;H, C,H, + H 
i-C,H, C,H, + CH; 


i-C,H, + R--C,H,R 
(R n-C,Hy,) 


i-C,H, + M—C,H,M 
(M = C,H,; C,H.) 


+ i-CsH, C,H, + 


i-C,H, + RH~+C,H, +R 
(RH = i-C,;H,;CHO; [(CH,),CD],CO; 


n-C,H, C,H, + CH; 
n-C,H, — C,H, + C,H; 


n-C,H, + M->C,H,M 
(M = C,H,) 


n-C,H, + n-C,H, — CyHy, 4 


n-C,H, + RH + R 
(RH = n-C,H,CHO) 


i-C,H, > C,H, + H 
i-C,H, + C,H, + CH, 


i-C,H, + 
(M = C,H,) 


i-C,H, + i-C,H,y CyHy, 4 


i-C,H, + RH+C,H, +R 
(RH = i-C,H,CHO) 


sec-C,H, C,H, + CH, 


sec-C,H, + M + C,H,M 
(M = C.H,) 


sec-C,H, + sec-C,H, -> C,H,, + 


sec-C,H, + RH ~C,H,, +R 
(R = sec-C,H,CHO) 


tert-C,H, — C,H, T H 
tert-C,H, + C,H, + CH, 


tert-C,H, + M --C,H,M 
(M = C.H,) 


C,H, 


C,H, 


C,H, 
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page 
109, 110 
119 
117 
| 
110 
3 122 
110 
4 119 
q 
| 116 
4 
119 = 
q 

116 
: 122 
119 
111 
: 116 
122 
4 119 
116 
122 
119 


Reaction Index 


page 
tert-C,H, + tert-C,H, — C,H,, + C,H, 111 | CH,* + CH, + CH,* + CH, 
tert-C,H, + RH +C,H, +R 116 | (CH, + H,)* + CH,* + H 
(RH = tert-C,H,CHO) (CH, + HCl)* + CH,* + Cl 
cyclo-C,H, + cyclo C,H, Colle CH,* + H,S CHS* + 2H, +H 
5 10 
cyclo-CH,-C,H, + cyclo-CHy-C,C,-> 111 | CHa’ + CH,S* + H, + 
CHy + CHy C,H, C,H* + C,H, + C,H,* + H, 
cyclo-C,H,, + cyclo-C,H,, — 111 | C,H,* + C,H, + C,H,* 
4 C\H,* + > 
“a. cH. CH C,H,* + C,H, C,H;* 


HO, + RH-H,0, +R Cells” + Coll, CoH,” 
(R = CH, —CH,, >CH, >©) C.H,* + C,H, > C,H,* + 


RO, + RH-RO,H +R C,H,* + C,H, + C,H,* + CH, 

(R = CH;, —CH,, >CH, >C) C,H,’ + + CH, 81,83, 
C,H,* + C,H, ~C,H,;++H 81, 83, 
C,H,* + D,O + HD,O* + C,H, 

+ D,~ ArD* + D 84, 85, 87 | C.H,+ + C,H, + C,H;* + C,H, 
+ H,—ArH++H 82, 83, 84, 85, C,H,* + C,H, C,H,* + C,H, 


Tons 


+ HD—~ArD* + H 84, 85, C,H,* + D,O + HD,O* + C,H, 
+ HD ArH* + D 84, 85, 8 C,H,Br* + C,H,Br C,H,,Br,* 
+ C,H, ~C,H* +H CHI* + CH,I + CHI,* + CH, 
+ C,H, C,H,* + Hy CHI* + C,H,I + CHI,* + C,H, 
++ CD,—~-C,D,* + D, 30, CH,I* + +1,* + C,H; 
+ CD,* + CD, 0, 87 | CH,I*+ + C,H,I CH,I,* + C,H, 
+ CH,)* + CH,D* + CH, ; CH,I* + CH,I + C,H,I* + 1 
+ C,H, CD,H* + C,H, | + C,Hyl* 
C,H, CD,H* + C,H, C,H,I*+ + C,Hgl 
CD,H* + C,H, C,H,I* + C,H,1 C,H,,I,* 
+ CH,Cl CD,H* + CH,Cl C,H,NO,- + SO, + SO,- + C,H,;NO, 


HCl)* CD,H* + Cl | CH,OH* + CH,OH CH,OH,* 
+ CH,O 

Cl* + CH,I + Cl,* + CH, 
+ C,H,I Cl,* + C,H, 
+ D, + CDO* + D 
C,H, +C,H,* +H 83, 84, 85, 
CH, + C,H,* + H, D,* + 0, + DO,* + D 
+ + H,S + CHS* + 2H, 3 | (D,O + CH,)* + HD,O* + CH, 

H,S + CH,S* + H, 3 | D,O* + cyclo-C,H, + HD,O* + C,H, 87 


H,S + CD,H* + SH 
+ NH, + CD,H* + NH, 
+ C,H, + C,H* + H, 


263 
page 
87 
87 
87 
93 
93 
92 
92 
83, 92 
92 
92 
92 
87 
92 
92 
Je Ar 87 
- Ar’ 93 
88 
C;* 88 
CD, 93 
CD, 93 
(CD 93 
CD, 93 
CD, 93 
CD, 93 
CD, 94 
(CD, 
cD, 
CD, 
CH 
CH 
CH 
CH 
CH, 
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page 
+ n-C,H,, ~ HD,O* + C,H, 87 | H,S* + H,S + H,S* + SH 


‘+ D,0 +D,0* + OD 87 | I+ + CH,I +1,* + CH, 


+ H, ~ HD,O* + H I+ + C,H,I + HI,* + C,H, 
- 4+ H,O + OH- + H, 94 
+ H, +H,* +H 87 
+ O,-+HO,* +H 88 
HBr* + HBr + H,Br* + Br 88 
(HCI + CD,)* -- HDCI* + CD, 88 
(HCI + CH,)* + H,Cl* + CH, 88 
HCl* + HCl + H,Cl* + Cl 88 
HI* + CH,I CH,I,* + H 
HI* + + C,H,1,* + H 
HI+ + C,H,I + C,H, + 1,* + IBr + Br 
(H,O + CH,)* + H,O* + CH, *+N,-NO*+N 
H,O* + H,O H,O* + OH + NO, NO,- + O 
H,S* + CD, + H,DS* + CD, 30- + SO, + SO,- + SO 


+ D, ~KrD* + D 

+ H, +~KrH* +H 

+ D, +~N,D* + N 

+ H, + NeH* + H 

CH,I — OI- + CH, 

+ CH,;NO, + CHNO, 
+ CH,NO, CH,NO, 
+ +1 


B. SURFACE REACTIONS 


Atoms 


H — 4H, (surface) 
(Surface = alloyed steel, Au, graphite, Pt, quartz, quartz treated with HF and 
K,B,O,, W, ZnOCr,O,) 

O — 40, (surface) 
(Surface = Ag, Au, Cu, Fe, Mg, Ni, BaCl,, CsCl,, KBr, KCl, KF, KI, LiCl, 
NaCl, Al,O,, B,O4, Bi,O,, CaO, CoO, Cr,O4, CuO, Fe,O,, Ga,O,, GeO,, 
MgO, MnO,, MoO,, NiO, P,O,, PbO, Sb,O,, SnO,, WO,, ZnO, Pyrex, Silica, 
Vycor) 


C. REACTIONS IN CONDENSED PHASES 


Tons 


88 
88 
93 
84, 85, 87 
84, 85, 87 
87 
87 
94 


15, 16 


page 


CH,BrCO,- + S,0,=(+ M*) CH,S,0,CO,= + Br-(+ M*) 167, 172-174 


(M* = Batt, Ca**, K*, Mg**) 


CHBrCO,- CBrCO,- 
| + OH- + + Br- + H,O 
CHBrR CHR 


(R = CH,, COO-, H) 


a” i 
5 
264 
ra page 
D,0° 
> H,O 94 
4 + OH 94 
94 
94 
88 
94 
94 
page 
49 
176-179 
= 


Reaction Index 


CH(OH)R, CHR, 
(R, = COO-,H; R, = COO-, C,H, 
CH,CO,- + H,O* + CH,COOH + H,O 


(CH,CO,-),CO(+M*) - CH,COCH,CO,- + CO+M*) 
(M*+ = Cd**, Co**, Cu**, La**, Mg**, Mn**, Ni**, Zn**) 


(CH,),S* + (CH,),N (CH,),N* + (CH,),S 

2(CoBr(NH,),]** + Hg** + 2H,O + HgBr, 
[CoBr(NH,),]** + OH- [Co(NH,),OH]** + Br- 

H,O* + 2H,0 


Electronically-excited Molecules A* 


3-acetylaminopyrene-5,8,10-trisulphonate* + B-- A* + BH* 
(B = (CH,),N, (CH,),NH, CH,NH,, NH;, OH~) 
3-acetylaminopyrene-5,8,10-trisulphonate base* + BH* -- A*H + B 
(BH* = CH,COOH) 
Acridine* + B —+ quenching 
(B = benzylamine, (CH,),N, (C,H,),N, (CH,),NH, 
CH,NH,, C,H,;NH,, C,H,NH,) 
Acridine* + BH* —+ A*H* + B 
(BH* = H,BO,, NH,*) 
Acridine*H* + B-» A* + BH* 
(B = Mg(H,O)OH*, OH~) 
3-hydroxypyrene* + B-+ A*B 
(B = pyridine, «-Cl-pyridine) 
3-hydroxypyrene-5,8,10-trisulphonate base* + BH* - A*H* + B 
(BH* = H,O*) 
f-naphthoate* + BH* -- A*H* + B 
(BH* = H,O*, H,PO,) 
B-naphthol* + A* + BH* 
(B = CH,CO,~, C,H,CO,~, C,H,CO,~, HCO,>) 
Pyrene* -+ pyrene (pyrene),* 
Salicyclic ester* = protomeric isomer* 


Enzymes 


Carbonic anhydrase (CO, + H,O -+ H,CO,) 

Catalase (2H,O, -+ 2H,O + O,) 

Chymotrypsin (p-NO,C,H,OCOCH, + H,O - p-NO,C,H,OH + CH,COOH) 
Fumarase (CH(CO,~) = CHCO, H,O CHACO,-)CH(OH)CO,-) 
Glutamic dehydrogenase (+ TPNH —> complex) 

Lactic dehydrogenase (+ DPNH complex) 

Peroxidase (2H,O, -- 2H,O + O,) 


265 
page 
CHCIR, 
+ OH-—-O + Cl- + H,O 
208 
223 
166, 167 
165, 166, 175, 176 
208 
205, 208, 209 
208 
195 
Lie 
208, 209 
61 
208, 209 
199 
205, 208 
205, 208 
196 
212, 213 
239, 240 
244, 245 
250 
250 


SUBJECT INDEX 


A 
Acid-base equilibria of excited molecules, 
200, 201, 208, 209 
diffusion-controlled rate constants and, 
207, 209 statistical factor in, 207 
Aconitase, 256 
Activated complex, 60-64, 113, 124 
activity coefficient of, 163, 164 
in ionic reactions, 172, 184, 185 
orientation effects in, 169 
reduction in charge of, 173, 178 
stabilization of, 180 
Activation energy, in ionic reactions, 163 
and solvent, 223 
Activity coefficients of dipoles, 226 
Afterglow, air, 8, 9, 20, 25, 31 
Alcoholysis, 227 
mechanism, 218 
S,2C* mechanism, 227, 228 
of triphenylmethyl chloride, 228, 229, 230 
Aldehyde absorption, 119 
Alkyl radicals, 50-52, 55-59, 107-127 
addition reactions of, 117 
combination of, 108-110 
cross-combination of, 109-110 
cross-disproportionation of, 111 
decomposition of, 120-124 
disproportionation of, 111, 113 
rearrangement in, 123 
in solution, 120 
sources of, 107, 115 
transfer reactions of, 113 
Appearance potentials, 72-73, 90 
Atom concentrations, determination of, 4-13 
Atomic flames, 32 


B 
Benzhydryl chloride, reaction with amines and 
fluorides, 229 
Bond dissociation energies, 21, 47 
Br, reaction with O atoms, 31 
as solvent, 154 


Calorimeters, isothermal, 5 
Carbonic anhydrase, 246 
Carbonium ions, 228 
solvolysis of, 224 
Catalase, 239 


Cation catalysis, 176-179, 181, 182 
and chelating power, 182 
by paramagnetic ions, 184 
Chain reactions, 43 
1-chlorocamphane, 217 
Chymotrypsin, 241, 246, 254 
Cl, reaction with O atoms, 31 
Claisen rearrangement, 226 
CO, reaction with O atoms, 30 
[CoBr(NH,),]**, dissociation constant of, 175 
reaction with Hg**, 166 
reaction with OH~-, 175, 176 
Concentration gradients, 11-13 
Condensation reactions, 92-94 
Conductance in liquid SO,, 224 
Co-solvent effects, 230 
Cross-sections, collision, 78, 81-84 
ionization, 73 
reaction, 78, 81-85, 91 
Crystal violet, fading of, 228 


D 
Decarboxylation, mechanism of, 181, 182 
catalysis by cations, 182, 183 
Dielectric effect of solvent, 219, 222 
in activated complex formation, 219 
and free energy of activation, 220, 221 
and frequency factors, 219 
Diffusion, coefficient of H atoms, 46, 48, 56 
displacement frequency, 141 
and encounter rate, 224 
electrostatic effects in, 245 
in flow systems, 11-13, 14, 17, 20 
radial, 11-13, 14, 17 
and reaction rate, 150, 194 
of atoms, 151 
ol radicals, 152, 153 
in radiation chemistry, 158 
Discharges, electrical, 5, 9, 11, 14, 16, 19, 
29, 30, 36 
Distribution of reactants, validity of equilib- 
rium statistics, 136, 137 
DPNH, 247, 249 
combination with LDH, 250 
E 
Encounters, 219 
im 1onic reactions, 149, 193 
probability and rate constants, 147 
random flights and frequency of, 140, 147 


| 
4 
| 
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Subject Index 


Enthalpy of reaction for excited molecules, 
190, 212 
Enzymes, denaturation of, 254 
lifetime of complexes, 240 
saturation of, 245 
Enzyme catalysis, of decarboxylation, 246 
of ester hydrolysis, 240, 241, 245, 246 
of H-atom transfer, 239, 256 
of hydration, 238, 242-245, 256 
Enzyme reactions, activated complex in, 249 
electrostatic factor in, 253, 254 
inhibition of, 250, 252, 254-256 
maximum velocities of, 242, 243, 245, 246, 
250, 251 
mechanism of, 237, 238, 242, 243, 247 
rate expressions for, 247, 248 
rate of and ionic strength, 253 
relaxation in, 257 
stereospecificity of, 256 
ternary complexes in, 248, 249 
Equilibrium constants involving 
molecules, 190, 200, 208, 212 
E.S.R., 10 
Exchange reactions, effect of temperature on, 59 
Explosion limits, 43, 48, 49 
effect of hydrocarbons, on lower limit, 53 
on upper limit, 49 


excited 


Fast flow systems, 11 
Fast reactions, transient terms in, 140, 153, 
154, 157, 194, 203 
Ferrimyoglobin, 240 
Fick's law, assumptions in theories based on, 
141 
Flames, reactions in, 3, 9, 23, 25, 27, 32 
Flash photolysis, 3, 31 
Fluorescence quantum yield, 189 
and concentration, 193 
of hydrogen-bonded complexes, 197 
Fluorescence intensity measurement, 19! 
Fluorescence quenching, 189 
of acridine, 195 
concentration, 196 
diffusional, 192 
efficiency and ionization potentials, 195 
by electron transfer, 193, 195 
and lifetimes of excited molecules, 189 
of protomeric isomers, 212 
static, 192, 195 
Fluorescence spectrum, of o-methoxybenzoic 
acid, 211 
of salicyclic ester, 211 
concentration dependence in pyrene, 196 
pH dependence of acridine, 201 
8-naphthol, 201 
Fumarase, 238, 244, 245, 252, 253, 256 


G 
Glutamic dehydrogenase, 250, 251 


H 
H-atoms, 10, 28-30, 32, 37, 43-59, 61-65, 88, 
100, 108, 120, 121 
Heat of formation, of O atoms, 21 
of ions, 95, 96 
HO,, 43, 47, 50 
H,O,, reaction with HBr, 168 
reaction with HI, 168 
H,O complex, 47 
Hydride ion transfer reactions, 89 
Hydrocarbon ion-molecule reactions, 99 
Hydrogen-bonded complexes of excited 


molecules, 191, 196, 197, 198 
dissociation of, 199 
equilibrium constants of, 198, 199, 208 
fluorescence yield of, 197 
steric hindrance in, 199 
solvation effects on, 199 

Hydrogen ion-molecule reactions, 100 


I 
Inhibitors, 32 
Intermediates in enzyme reactions, 239-241, 
244 7 
accumulation of, 244 
dissociation constants of, 256 
ionizable, 252 
notation, 239 
spectroscopic determination of, 239 
Inversion of configuration, 217 
Ion intensity, pressure dependence, 70, 71 
ion repeller dependence, 71, 72 
lonic reactions, Bronsted theory of, 163, 164 
charge type, 175, 179 
electrostatic factor in, 178, 184 
involving excited states, 204 
and ion-pair formation, 166 
specific effects in, 164 
lonization, in non-aqueous solvents, 224 
as rate-determining step, 230 
lonization chamber, 73 
reactions in, 73-86 
residence time in, 75 
Ion-molecule reactions, cross-sections for, 86 
unimolecular decomposition in, 69 
lon-pairs, in benzene, 222, 223 
equilibrium constants of, 167, 171, 
173, 177 
in ionic reactions, 170, 174, 175, 180, 181, 
183 
internal and external, 227 
in nitromethane, 225 
in SO,, 222 
spectrophotometric determination of, 225 


172, 


268 


Ions, energetics, 94, 
negative, reactions of, 94 
primary, 70, 74-76 
secondary, 70, 74-76 
standard heats of formation of, 95-96 
tertiary, 70 

Iron carbonyl, 30 


Isomerization of excited molecules, 191, 211, 
212 


Lactic dehydrogenase, 250 
Liver alcohol dehydrogenase, 247-250 
Long-range forces, and Fick’s law, 148 
in ionic reactions, 157, 159 


M 

Mass spectrometry, 70 
Mechanism, Sx1, 218 

217, 218 

S,2C*, 218, 228 

S$,2C*+X-, 228 
Michaelis constants, 242, 243 

and ionic strength, 246 

and pH, 250 
Michaelis-Menten mechanism, 237, 238 
Molecularity in condensed phases, 226 


N 
NH, reaction with O atoms, 32 
N,H, reaction with O atoms, 32 
Nitrogen, active 6, 30 
NO, afterglow, 30 
decomposition, 27, 28 
NO,, photolysis of, 34 
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FOREWORD 


ANY addition to the growing number of scientific publications requires the 
most careful consideration and is usually to be deplored. There are already well 
over thirty journals in which significant contributions to the science of chemical 
kinetics are to be found. This is, of course, partly a result of the tendency to 
retain national, as well as natural, barriers between the various publications, but 
it is also a result of the historical dev elopment of the sciences. 

Chemistry, like most sciences, is part statics and part dynamics. The relative 
immaturity of chemical dynamics or kinetics is to be attributed to its later birth 
and to the fact that it is a difficult child. But it is now a major branch of science 
and, in some ways, the division between kinetics and statics is a more natural one 
than the division between organic and inorganic chemistry or even between 
physics and chemistry. Any scientist who is really interested in one of the reviews 
in this volume will probably find something of interest in all the others, and there 
are few equally broadly based divisions of science of which this could be said. 

The purpose of this series is twofold. Firstly, the authoritative review article 
is the most effective solution to the increasingly difficult problem of keeping 
abreast of developments, even in one’s own field of interest. Whilst excellent 
review articles on various aspects of kinetics appear from time to time in other 
publications, the subject is not as well covered as most workers in the field would 
wish. A choice between the number of topics which need a critical assessment at 
the present time has, in fact, been one of the greatest problems in planning this 
first volume. The second, and the original, purpose of the series is to provide 
an up-to-date compilation of rate constants of current interest and importance. 

Comprehensive tables of rate constants are useful only after a thorough 
search of the literature quoted, since some of these data are well established and 
thoroughly reliable whilst others are little more than guesswork. The method of 
presenting rate constants adopted here is one which has already proved useful for 
similar physical constants such as bond dissociation energies. The reactions are 
tabulated at the end of the volume and the page to which reference is made gives, 
in general, not only the rate of this reaction but some discussion of how the 
measurement was made and an assessment of its reliability. The intention is to 
review, in the first few volumes, most of the principal branches of chemical 
kinetics and the reviewers will, as they have done in this volume, make a point of 
including as complete rate data as are available in the field under review. Later 
volumes will also include cumulative indexes as well as extensions and amend- 
ments of these tables, so that ev entually a fairly complete set of up-to-date rate 
constants, along with reviews of the methods by which these data were obtained 
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and authoritative assessments of their reliability, will be continuously available. 

The topics reviewed in this first volume range from elementary gas reactions 
and combustion through diffusion kinetics to physical and chemical rate pro- 
cesses in solution and finallyto biochemical kinetics. The emphasis throughout is 
on the quantitative aspects of the subject and most of the articles contain original 
work not published elsewhere. Each author is an acknowledged leader in the 
field reviewed and has given a service which will, I believe, be of value to all who 
are interested in modern chemical kinetics. 


G. P. 


ty 
¥ 
= 
ae 


REACTIONS OF OXYGEN ATOMS 


FREDERICK KAUFMAN 


CONTENTS 


. INTRODUCTION 


. MEASUREMENT OF O-ATOM CONCENTRATION 
A. Catalytic Probes 
B. Wrede-Harteck Gauges 
C. Air Afterglow and NO, Titration 
D. Electron Spin Resonance 
E. Limitations of Fast-Flow Systems 


. RECOMBINATION REACTIONS . 
A. Surface Recombination 
B. Homogeneous Recombination 
1. Near Room Temperature 
2. At High Temperatures 
REACTION WITH OXIDES OF NITROGEN 
A. Nitric Oxide . 
B. Nitrogen Dioxide 
C. Nitrous Oxide 


', REACTIONS WITH OTHER SMALL MOLECULES 


. REACTIONS WITH HYDROCARBONS AND OTHER POLYATOMIC MOLECULES 


| 
PAGE 
i 
5 
6 
8 
10 
2B 


I. INTRODUCTION 


The nineteen-fifties were a richly productive period in experimental physical 
chemistry and reaction kinetics. Many new experimental techniques were 
developed and brought to bear on new and old problems alike. There was 
fresh impetus in several fields arising from seemingly unconnected areas of 
research. The field of atom reactions, and particularly oxygen atom reactions, 
is a fine example of these trends. Lord Rayleigh’s investigations of related 
afterglows date back 50 years. Direct studies of O-atom reactions by Geib, 
Harteck and Kopsch, Rodebush, and others between 1928 and 1935 produced 
many important results, but not much quantitative kinetic information. There 
then followed a hiatus of 15 to 20 years’ duration. Renewed interest arose 
around 1950, increased strongly by 1956, and reached a very high level of 
intensity in 1958-59. 

This recent, fresh impetus originated mainly from two areas: (1) Combustion 
studies, and (2) Upper atmosphere research. In the former, there had been 
growing dissatisfaction with some of the explosion and flame research which 
attempted to disentangle the complicated inter-relations of hydrodynamics, 
transport properties, and chemical kinetics through measurements of overall 
processes. It was therefore desirable to gather reaction rate data independently, 
under simplified conditions, but involving the atomic and free radical species 
which are present in flames, explosions, or detonations. In (2) it was clear that 
an understanding of the composition and reactions of the upper atmosphere 
can only be based on the independent knowledge of the photochemistry and 
reaction kinetics of the species O, O,, O3, N, Nz, NO and NO,. These problems 
and others associated with re-entry into the earth’s atmosphere are responsible 
for the rapid increase of activity during the past 3 to 4 years. 

Several new or modified experimental techniques have found application in 
O-atom studies. These include 

(a) flash photolysis (NO,, O,, Cl-oxide decomposition, formation of vibra- 
tionally excited O,), 

(b) shock-tube studies (dissociation of O,, indirect measurement of recom- 
bination rates at high temperatures), 

(c) flame reaction studies (approach to thermal equilibrium of flame gases 
measured by photometric or mass-spectrometric methods), 

(d) modified Wood-Bonhoeffer experiments (fast flow studies utilizing the 
air afterglow, catalytic probes, or Wrede-Harteck gauges to measure O-atom 
concentration), 

(e) photolysis techniques (Hg-sensitized photolysis of nitrous oxide, low 
concentration photolysis of nitrogen dioxide), 
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(f) mass-spectrometer studies (fast reactions by time-of-flight mass 
spectrometry, studies of discharged oxygen by modified, conventional mass 
spectrometry). 


This list is, of course, not exhaustive. 

The subject matter of this review is subdivided in the following manner: 
In section 2, some of the direct methods of measuring O-atom concentrations 
will be reviewed and some theoretical aspects of flow systems will be outlined 
briefly. Section 3 will deal with recombination reactions, first on surfaces, then 
in the gas phase near room temperature including only the reactions between 
O, O, and Oy and finally at high temperatures as the reverse of observed rates 
of dissociation. Section 4 will treat the reactions with the nitrogen-oxides, NO, 
NO, and N,O. These are singled out because they are among the most impor- 
tant, most interesting, and best understood O-atom reactions. In section 5, 
reactions with other small molecules are discussed. Section 6 deals with reactions 
with hydrocarbons and other polyatomic molecules. 

No attempt will be made to make this a comprehensive review. Apologies 
are therefore offered now, well in advance of the omissions or slights of the main 
sections. In particular, the considerable amount of work by Russian investiga- 
iors is dealt with only on the basis of short summaries in Chemical Abstracts. 

The early literature on this subject is well summarized by Schumacher’. 
Much of the quantitative information comes from one paper, by Harteck and 
Kopsch*, which should be read by everyone interested in this field. A more 
recent review can be found in Steacie’s excellent monograph’. 


Il. MEASUREMENT OF O-ATOM CONCENTRATION 


In this section, four methods will be described and evaluated which have 
been used to gather quantitative kinetic data on atom reactions. None of the 
indirect methods (shock-tube, flash photolysis, thermal or photochemical re- 
action studies, etc.) will be included, though their results will be discussed in 
later sections. Clearly, the most direct rate information is obtained when the 
atom concentration is measured. As this requires relatively high concentration 
and a convenient system for following their decay, these methods are most 
frequently used in conjunction with fast flow systems at low pressures (0 to 5 mm 
Hg), and the atoms are produced in electrical discharges. 

The usefulness of such direct studies extends principally to small molecules 
and simple reactions. For large molecules, and with multi-step reaction mech- 
anisms it is usually more important to have accurate product analyses, to 
maintain conditions of constant quenching of energetic intermediates, or 
possibly to trap radicals by chemical means. Discharge-flow experiments are 
not particularly well-suited for such studies, whereas some photolytic methods 
are. However, this review will emphasize recent work on simple reactions and 
recombinations. Of the four direct methods, the first two, catalytic probes and 
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Wrede-Harteck gauges, are not specific to O-atoms, whereas the last two, the 
air afterglow and electron spin resonance, are. Finally, there will be a brief 
discussion of the various pitfalls of Wood-Bonhoeffer fast-flow systems. 


A. Catalytic Probes 

This method is simple, reproducible, and very sensitive. The probe consists 
of a wire, coil, or foil and it may be movable along the flow tube. Its highly 
catalytic surface is heated by the recombination of reactive species. Harteck 
and Kopsch* used a thin platinum wire which was heated to incandescence and 
they determined its temperature with an optical pyrometer. More recently, 
Linnett and Marsden‘, and Greaves and Linnett® used copper-constantan 
thermocouples made from thin wires (0.003 to 0.005 inch diameter) whose 
junctions had been silver-coated by metal evaporation or had a helix of silver 
wire pressed on to it. The thermocouple e.m.f. readings were later found to be 
proportional to the atom concentration as measured with a Wrede—Harteck 
gauge®. Silver apparently is the most active and reproducible catalytic surface. 
Upon exposure to O-atoms, the surface turns black due to the formation of a 
peroxide’, but this new surface retains its high catalytic activity without further 
oxidation of the silver. 

An improved version of this method, more amenable to the absolute measure- 
ment of atom concentrations, was recently applied to O-atom reactions by 
Elias, Ogryzlo, and Schiff*. The probe is a silver-coated platinum wire coil, 
large enough so that the temperature rise due to recombination is not large 
(AT < 100°C). It is operated isothermally at somewhat elevated temperature 
and the difference in electrical power to produce the same wire temperature in 
the presence and absence of O-atoms is measured. The flowrate, F, of atomic 
Species is given by 


R(i,.? — i?) 
4.18AH 


where R is the resistance of the platinum wire at the chosen temperature, i, and i 
are the measured currents in the absence and presence of O-atoms, and AH = 
58.5 kcal mole~' is the heat of recombination per mole of atomic oxygen. The 
method had been developed for H-atom reaction studies by Tollefson and 
LeRoy’®. Its principal advantage is that it minimizes errors due to heat losses 
from the detector. The obvious disadvantage of all probe methods is their lack 
of specificity. Electrical discharges rarely produce ground-state atoms as the 
only energetic species, and active surfaces are generally not specific to recombine 
atoms, but they also deactivate other species. 

In O, discharges, for example, sizable concentrations (10-20°,) of ‘Ag O, 
are formed’®-". As this metastable state is 22.5 kcal mole~! above the ground 
State it is clear that its surface deactivation will produce an erroneously large 
heat release at the detector. For atom concentrations of about 10 per cent, 
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this error results in an estimate of (O) which is too high by 30 per cent or more. 
Elias, Ogryzlo, and Schiff* reported that the value of (O) measured by thismethod 
was about 10 per cent higher than that measured with a Wrede—Harteck gauge, 
and 25 per cent higher than that obtained by NO, titration. They showed, 
moreover, that a cobalt oxide coated detector gave rise to even greater discrep- 
ancies and indicated heat releases when all O-atoms had been removed from 
the gas stream by chemical reaction with ethylene. This surface is apparently 
quite efficient in deactivating metastable O,. Freshly prepared silver peroxide 
is not, and it is therefore fairly specific for O-recombination. Unfortunately, 
it becomes more active towards metastable O, with continued use and thus 
loses its specificity. 

Recent experiments by Elias and Schiff'* have shown that the discrepancy 
between probe measurements and NO, titration disappears if no metastable 
molecules are present. O-atoms were produced from active nitrogen by gas 
titration with NO, 

N+ NO—-N,+0 


In this manner, a known flow of O-atoms is obtained (equal to that of the added 
NO at the point of extinction of all afterglows™.™) without any accompanying 
metastable O, molecules. Good agreement was then observed between the 
results of the probe method and the NO, titration. 

In summary, catalytic probes are useful, sensitive detectors of O-atoms, but 
they are somewhat unreliable in accurate kinetic work because of their lack of 
specificity. 


B. Wrede—Harteck Gauges 


These are simple in principle and present several advantages. One measures 
the pressure difference between the discharged gas and an enclosed region 
connected to the former by one or several small holes or slots. Molecules and 
atoms effuse into the closed volume, but only molecules return, because an 
efficient catalyst for recombination is placed in the enclosed space. Simple mass 
balance then requires a pressure difference, Ap, given by 


Ap = — 47/2) 


after the steady state has been attained. 

Here, p is the pressure of the discharged gas (assumed to consist only of 
atomic and diatomic species and their excited states), and « is the fraction of 
atomic species. A simultaneous measurement of pand Aptherefore determines «. 

The method has several advantages: Excited species do not interfere. Added 
inert gases contribute equally to the mass flow through the orifice from both 
sides and therefore do not affect Ap. Thus, there is considerable specificity 
within each system (such as O,—O, or N,—N, H,—H) yet wide usefulness for 
determining concentrations of various atomic species. 
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The method is, of course, due to Wrede™ and Harteck"*. It has recently been 
modified by Beckey and Warneck"’ who used fritted discs instead of single 
orifices, Groth and Warneck'* who used fritted discs and long, narrow slots, 
Greaves and Linnett'®, Elias et a/."*, and others. Three problems seem to arise, 
two of them experimental and the third dealing with the principles of operation. 
The experimental ones are (1) the requirement of measuring small pressure 
differences, and (2) the necessity of attaining the steady state within a reason- 
able time. These have been met quite successfully. Groth and Warneck!® use 
a diaphragm manometer which they claim to be capable of measuring a 
Ap of 10-* mm Hg with | per cent accuracy. Since 


this means that atom concentrations of 0.03 per cent could be measured with 
good accuracy at a pressure of | mm Hg. 

Greaves and Linnett'® describe special Pirani gauges with which they can 
measure atom concentrations to +0.1 per cent at pressures of 0.1 mm Hg. 
These authors have also considered the second problem and shown that the 
time for 99 per cent equilibration, f,,, is given by 


tee = 2.1 x 10 "7 sec 


where V (cm®) is the enclosed volume behind the hole and A (cm®*) the area of 
the hole. For a single hole of 0.014 cm diameter, about 0.1 times the mean free 
path, A, at 0.1 mm Hg, and with V = 3 cm’, f,, is about 4 sec. (The observed 
time for equilibration was about one minute showing that the effusion process 
was not rate-determining). Yet, at a pressure of 1 mm Hg, f,, would become 
quite long (>7 min) if a correspondingly smaller hole were used and V could 
not be decreased further. 

Thus, it seems that conventional Wrede-Harteck gauges would not be 
useful above about 0.5 mm Hg pressure. This has led to the development of 
slot and fritted disc gauges, but also to some controversy regarding their use. 
Greaves and Linnett'® have re-stated the principle of the method and they argue 
that fritted discs will give erroneous results if the holes are separated by distances 
less than / because the gas near the holes will have an abnormal velocity distri- 
bution, lacking the full number of molecules moving away from the surface. 
The flow will therefore not be purely diffusive. It might be argued, however, 
that this should not be serious as long as the total area of all the holes is small 
compared with that of the disc, and that, at equilibrium, each hole emits a 
random flux of molecules equal to that of the impinging molecules plus half 
that of the impinging atoms so that the distribution will not be much affected 
if « is small. What seems more serious, though, is the large depth of the holes 
which, in the case of fritted discs, actually are narrow tubes much longer than A. 
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Upon diffuse surface reflection from the inside walls of these tubes, molecules 
and some atoms must re-emerge from the holes, since the glass surface is not 
highly catalytic. If this should happen, the measured « will be low. As Groth 
and Warneck'® have reported good agreementt between a gauge of this type 
and one using a narrow slot in very thin glass (60 y) it may be that a cancellation 
of effects exists, with the velocity distribution tending to make « too large and 
the depth of the holes having the opposite effect. In view of the usefulness of 
these gauges it must be hoped that the above questions will soon be resolved by 
simultaneous experiments using several techniques. For a wide pressure range, 
Groth and Warneck’s thin glass-slot gauge seems to be simple, fast, and theoreti- 
cally least objectionable. 


C. Air Afterglow and NO, Titration 

The greenish-yellow air afterglow is known to occur in the simultaneous 
presence of atomic oxygen and nitric oxide. Its spectrum has been much 
investigated, and its utilization as a qualitative and quantitative test for O-atoms 
has been reviewed and extended by the author®®. It has thus been shown that 
the emitted light intensity, /, is given by 

I = k(O) (NO) (1) 

and is independent of the nature or amount of other gases present. 

The light is due to the recombination 


O + NO-NO, + hy (2) 


and its particular usefulness arises from the constancy of (NO). Any NO, 
which is formed in the light-producing reaction (2) or in the faster termolecular 


recombination (3) 
O + NO+M-+NO,+M (3) 
is rapidly destroyed by the very fast step 
O + NO,- NO + O, (4) 
which regenerates NO. If a little NO is therefore added to a gas stream con- 
taining O-atoms, / is proportional to (O) and the decreasing light intensity along 
a flow tube directly measures the decay of (O) 
—d(O) 
dx dx 
under flow conditions described in Section 2.5. 

This represents a convenient and accurate measurement of the relative 
concentration of O. If photomultiplier tubes are used, the amount of NO 
required is so small that reactions (2), (3) and (4) recombine a negligible amount 
of atomic oxygen. The method is, of course, highly specific and sensitive. 


+ Greaves and Linnett’s statement that sintered-disc and hole gauges used by Groth and 
Warneck gave discordant results appears to be in error. 
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The nature of the glow has not been entirely clarified. If reaction (2) is a 
simple radiative recombination the emission spectrum should be truly continuous ; 
if, on the other hand, an excited state of NO, is stabilized, the spectrum 
should show some structure. Several earlier investigators™ had found both 
a continuum and some banded features, but in view of the great complexity of 
the NO, spectrum and the limited resolution of these studies, no clear decision 
could be made. Two additional pieces of information are now available. A 
very thorough investigation of the emission spectrum of air by Heath® using 
a 21 ft Paschen grating spectrograph with a new grating (5 x 7 in., 30,000 
lines/in.) and a 21 ft Wadsworth grating spectrograph for the near infrared 
showed this glow to be a true continuum both in the discharge and downstream 
at pressures from a few mm Hg to | atmosphere. The continuum extended 
from 3700 to 9000 A with maximum intensity near 6500 A, though the position 
of the maximum shifted somewhat in changing from an air discharge to one in 
nitric oxide. 

Dr. G. W. Robinson and the author*™ carried out an experiment using a 
high frequency discharge in oxygen, at about 2 mm Hg, mixing with NO down- 
stream of the discharge and photographing the near infrared region using a 2m 
Czerny-Turner grating spectrograph. Here again, a continuum was observed, 
decreasing slightly in intensity between 7000 and 8000 A. The O—O band of 
the atmospheric oxygen system at 7600 A was also observed in emission. 

There seems to be little doubt, therefore, that the emission has a truly 
continuous frequency distribution. This does not rule out the presence of some 
superimposed banded structure, particularly at low pressures, but the continuum 
is responsible for a very large fraction of the total light output. The source of 
the radiation is then largely the simple recombination process as originally 
suggested by Gaydon®. This view is also supported by recent work of Kaskan™ 
in lean hydrogen-air flames. 

The relative measurement of O-atom concentrations by the intensity of the 
air afterglow is very well supplemented by the absolute method of NO, titration. 
NO, is added downstream of the discharge, in controlled, easily variable, and 
measured amount. A bright glow is observed as long as O-atoms are present 
in excess, because reaction (4) rapidly produces an equivalent amount of NO. 
The glow is most intense when the flow of added NO, is one half that of the 
atomic oxygen. For larger flows of NO, it decreases in intensity and at the 
‘endpoint’ of the gas titration, the glow is sharply extinguished. At this point, 
the flow of added NO, is just equal to that of the O-atoms. The method is 
simple and reliable, particularly for small «. For large «, there is a large heat 
release in the mixing region which may accelerate other O-atom reactions and 
lead to a low result. The author prefers to titrate (O) to the extinction pointand 
to measure the equivalent flowrate of NO, by one of several methods: The 
pressure drop of NO, (in equilibrium with N,O,) at low pressures (20 to 50 mm 
Hg) in a known volume measured by oil manometers; the weight loss of NO, 
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generated from liquid N,O, in an ice bath; or the direct measurement of NO, 
flow using a ball-type glass flowmeter, the pressure being kept constant by 
immersing the N,O, reservoir tube in one of several constant temperature baths. 
Other investigators have used variations of this method. Reeves, Mannella, and 
Harteck” add enough NO, to produce a maximum glow downstream, then 
shut off the NO, flow (without having to measure it) and match the light 
intensity with a measured flow of pure NO. This flow is then } of that of the 
O-atoms. Elias and Schiff** add excess NO,, trap the NO—NO, mixture at 
—195°C and determine the NO formed by redox titration in water solution. 

It is often advantageous to use the afterglow and the NO, titration jointly; 
to determine / for a known, small (NO) added downstream of the discharge; 
then to do an NO, titration without changing any of the experimental para- 
meters, and thereby determine k in (1); and from then on to use / as an absolute 
measure of (O) in a series of experiments. In their interdependence, specificity, 
and simplicity these are probably the best techniques for O-atom concentration 
measurements. 


D. Electron Spin Resonance 


Brief mention should be made of this method which was recently used in 
the study of O-atom recombination**. It is highly specific in the detection of 
simple atomic species such as O, H, N, etc.*°. The resonance lines are easily 
identified, e.g. H(*S,) gives a wide doublet at g = 2, N(*S,) a narrow doublet 
at g = 2, and O(*P, ; ») a six line multiplet at g = 1.5. 

Independent information can, of course, be obtained for any paramagnetic 
excited state. In the case of OP), two of the six lines arise from the Zeeman 
splitting of the *P, state and four from that of the (lowest) *P, state. The relative 
intensity of these two groups gives a direct indication of the temperature 
(AE = 440 cal mole). O-atoms were found to be near room temperature just 
beyond the high frequency discharge in flowing oxygen by Krongelb and 
Strandberg®®. In spite of its fundamental interest, the method seems to be 
better suited to qualitative work such as the detection and identification of 
atomic or radical species than for kinetic studies. Its principal disadvantages 
are: (1) Its great complexity and cost. (2) It gives space averages of concentra- 
tion over a considerable length of the flow tube, i.e. that within the microwave 
cavity in the gap of the magnet. (3) Absolute or even relative concentrations 
are calculated with some difficulty from the experimental data. The signal 
depends on the average collision frequency of the atom and this complicates 
experiments with added gases. It also depends on many instrumental parameters 
so that in practice the signal is compared with that due to O,*° or DPPH®*, 
though this introduces other difficulties. (4) Only a single measurement can be 
made (to date no laboratory has shown its extreme affluence by using two 
paramagnetic resonance spectrometers simultaneously) whereas the other 
methods are often used for simultaneous measurements at two or more points. 


- 
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The only rate data so far reported®® by this method are neither qualitatively 
nor quantitatively reliable. This should not detract from its great usefulness 
in identifying discharge products and thereby helping unravel the discharge 
processes themselves. 


E. Limitations of Fast-Flow Systems 

Increasing use is again being made of simple Wood-—Bonhoeffer flow systems 
for discharged gases at low pressures in long, cylindrical tubes. The exact 
mathematical description of such flows becomes extremely complicated, even 
for a simple, parabolic axial velocity distribution, when volume and surface 
recombination, radial and axial diffusion, and the viscous pressure drop are 
taken into account. 

Machine computations of certain cases have recently been reported*® 
(neglecting the viscous pressure drop and axial diffusion, assuming second order 
volume recombination and first order surface recombination). 

In the brief discussion to follow, limiting conditions will be set down under 
which various effects such as the viscous pressure drop, axial and radial diffusion 
can be neglected. If these limitations are not carefully observed, serious errors 
will arise. 

When the flow is very fast the pressure drop may not be negligible. For 
simple Poiseuille flow 


2  16FlnRT 
— Py = 


where p is the pressure in dynes cm~*, / and r the length and radius of the tube 
in cm, F the flowrate in mole sec~', » the viscosity in gcm™ sec, and R = 
8.3 x 10’ erg mole“! °K-". For small Ap, this reduces to 


Ap 6 
— = 1.18 x 10°*- 
l 


where Ap is in mm Hg, é is the average linear gas velocity, cm sec~*, at room 
temperature (7 = 295°K), and the viscosity was taken as that of O, (2 x 10“ 
gcm™' sec"). It is clear that Ap is not negligible at 1 mm Hg if @ is about 
10° cm sec™!, r = 1 cm, and / = 50cm. The relative error, Ap/p, increases with 
decreasing pressure. 

It therefore appears that slow flows are desirable, because of their negligible 
pressure drop and rapid radial diffusion, but this may create large axial con- 
centration gradients and increase back diffusion. If we neglect radial concentra- 
tion gradients and assume first order decay of O-atoms, the differential equation 


describes the flow. Here, D is the diffusion coefficient of O-atoms into the gas. 


2 
= D ke 
dx dx” 
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The condition for negligible back diffusion is therefore Dk/# <1. Atp = 1mm 
Hg, D is approximately 270 cm* sec~, k is about 1 to 5 sec~* due to wall recom- 
bination alone in a glass tube with r = 1 cm, and the above inequality reads 
i > 200 to 1000, 6 > 15 to 30 cmsec™. Even for a velocity of 100 cm sec“, 
the error in kK would be 2 to 10 per cent. 

D is inversely proportional to pressure, so that this error increases with 
decreasing pressure for surface recombination (k independent of p), but increases 
linearly with increasing pressure for volume recombination (k ox p*). 

Here, as in later sections, ky, (sec~') is the surface recombination rate 
expressed as a first order rate constant. The total number of wall recombinations 
per unit area is yNc, where N is the total number of collisions per unit area per 
sec and per unit concentration, y the fraction of collisions leading to recom- 
bination, and c the concentration. By kinetic theory, N = w/4, where W is the 
mean velocity. Assuming, then, that diffusion is sufficiently rapid to lower c 
uniformly by wall recombination, 


—dinc yw 
dt 4 


ky 


where S and V are the total surface and volume of the vessel. For a cylindrical 
tube, S/V = 2/r and ky, is therefore yw/2r. 

The effect of radial diffusion presents a more formidable mathematical 
problem. Gas elements near the wall move more slowly and will have undergone 
more recombination than those in the center of the flow. If, in addition, atoms 
recombine at the wall, the radial concentration gradients will be increased. 
Fast volume recombination is thus seen to hinder wall recombination by de- 
creasing the concentration of atoms near the wall. 

An approximate treatment of these and related effectst gives a useful 
estimate of radial concentration gradients. We assume a parabolic radial 
velocity distribution and search for solutions of the partial differential equation 


\ dc dc 
Ip / OX Ox or 


+ The author is indebted to Dr W. C. Taylor of this laboratory for guidance and discussion. 
Details and extensions of these calculations will be published elsewhere. 


12 
a If the diffusion term is fairly small, the first order rate constant, k, is given by 
k=k(1 
vo” 
: 
a where k’ is the observed, uncorrected rate constant, 1.c. 
_d Ine dine 
dx dt 
1 dc 
— kc 
Ar 
; 
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which are of the form c = c(r)e~ and fulfil the boundary conditions dc/ér = 0 
atr = 0, and 


atr = Po. 

Thus, volume and surface recombination are assumed to be first order in 
the atom concentration. For small radial variation of c(r), the r equation leads 
to a quadratic equation in wu with one positive root 

v kywe 
wD po (k, 0. 
(cy and ¢ are the atom concentration near the wall and the average concentra- 
tion.) If the first term is small and cy, ~» ¢, 
Ak, 4 4k, + kp 
Up 


Uo 
which agrees with the result obtained above for simple back-diffusion, since 
Ug = 26 for a parabolic velocity distribution. 

Upon integration of d6c/dr, we arrive at a useful, approximate radial con- 
centration gradient 
kw) > ro" (k, + 3ky). 

é 4D\ 4 8D 
At p = 1 mm Hg, D = 270 cm* sec~, and r, = | cm it is seen that concentra- 
tion differences between center and wall will not exceed one per cent for reason- 
able wall recombination on glass (ky, ~ 1 to 5 sec™'). It is also apparent that 
homogeneous recombination (k,) is less effective in producing radial gradients. 
Nevertheless, at higher pressures and in large tubes this effect can easily become 
large and this as well as the preceding limitations should always be borne in 
mind. 

Ill. RECOMBINATION REACTIONS 


A. Surface Recombination 


This subject is covered very thoroughly in a series of six recent papers by 
Linnett and Marsden*, and Greaves and Linnett®**',**,, who measured the 
recombination coefficient, y, at room temperature for Pyrex, silica, six metallic 
elements, twenty five oxides, and nine alkali and earth alkali halides. Moreover, 
Linnett et a/. repeatedly determined the order of the recombination process, the 
temperature dependence for silica up to 600°C and for KCI, LiCl, MoO,, and 
PbO to 400°C, and the effect of water vapor. 

The side arm method due to Smith* was used throughout. O-atomst were 


+ Unless otherwise stated, O-atoms are assumed to be in their ground-state (*P) throughout 
this review. This is certainly true in shock-tube and flame work, but it also appears to hold 
for most electrical disché arges*. In the Hg-photosensitized decomposition of N,O and in 
NO,- -photolysis at 3660 A there is also much evidence that *P atoms are the active species**.**. 
The situation is much less clear in ozone-photolysis. 


= —ky 
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generated from O, by radiofrequency or microwave discharges in a flow system. 
(Electrode discharges gave undependable results, probably due to contamination 
of the surface with aluminum oxide species from the electrodes). Their rate of 
disappearance was measured along a closed side arm by means of catalytic 
thermocouple probes or Wrede—Harteck gauges. A steady state is produced in 
the side arm, since diffusion of atomic species is balanced by surface and volume 
recombination. 
The prerequisite conditions in this application are: (1) The mean free path, 

4, is small compared with the radius, r; and diffusion is sufficiently rapid to 
eliminate radial concentration gradients, 

as 

(1) 

3y 
(2) Volume recombination is slow compared with wall removal. This condition 
takes the approximate form 


ky 


where k, is the rate constant for O + O, + O,-+ O, + M, and Co, the O, 
concentration. At 20°C, r = 0.75 cm, taking k, = 2 x 10®1.* mole~* sec (a 
high estimate as will be seen later), and y = 3 « 10-* (measured for Pyrex glass), 
[2] takes the form 

1.26 > 0.6p* 


where p is the gas pressure in mm Hg. Most experiments were carried out at p 
near 0.1 mm Hg where this inequality holds well. It is seen, however, that at 
p = | mm Hg volume recombination could not be neglected. It is also apparent 
that [1] does not hold for active surfaces, e.g. for silver metal at 20°C, y = 0.24, 
and since A = 0.05 cm, r = 0.75 cm, 2/4/3y = 0.14 cm, i.e. radial diffusion is 
not fast enough, and the calculated value of y will be too low. Thus, all reported 
y’s greater than about 5 = 10-* will suffer from this defect to some extent. 
The results are presented in Table 1. The values for the metal and halide 
surfaces and the first column for the oxides were obtained with thermocouple 
probes movable along the side arm. The side arm had the desired surface 
coating or contained a coated glass liner. Values in the second column for the 
oxides were obtained with two Wrede—Harteck gauges in the side arm separated 
by a surface-coated glass sleeve. 

Those in the third column were calculated from data obtained by Voevodskii 
and Lavroskaya™.* by an entirely different method. Here, the surface tempera- 
ture of a coated capillary exposed to O-atoms from an electrode discharge was 
seen to rise to a high value (AT ~ 1000°C) because of the increase of y with 
increasing 7. In this regime, the process is controlled by the diffusion of atoms 
to the surface. At low surface temperatures, where y is small, little heat is 
released in the recombination and AT is small. A critical, intermediate surface 


é 
[2] 
5 
er 
i 
7 
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temperature, T*, then exists, characterized by an unstable steady state, such that 
for any initial T > 7* the surface temperature rises to the high value, whereas 
for any T < 7%, it falls to the low value. Measurement of these three tempera- 
ture increments permits the evaluation of y, and E in the expression 


The theory is due to Frank-Kamenetskii®. Except for Cr,O3, the results 
obtained by this method are lower by a factor of 10 to 20 than those of Linnett 


et al. With few exceptions, Linnett finds the recombination to be first order in 


TABLE |. SURFACE RECOMBINATION COEFFICIENT, y, OF OXYGEN ATOMS 
AT 20°C 


Metals Oxides Ref. 4 ef. 3 | Refs. 34, 35 


Pyrex 
B,O, 
As,O, 
Silica 
Sb,0, 
MgO 
PbO 
NiO 
Fe,O, 
CuO 
P.O. 
Ga,O 
GeO, 
Cr,O, 
ZnO 
Sn0, 
Mot 
CaO 
Al,O, 
CoO 
MnO~ 
wo, 
Bi.O, 


a 


AN 


~~ 


= 


ae — & wn wns 


Ne = 
Oe 


| 
| 


atomic oxygen, both by the decay of the O-atom concentration along the side 
arm and by the effect of changing the total pressure. Yet the value of y obtained 
by pressure variation at constant position is lower by a factor of 3 to 5 than that 
obtained from the space variation at constant pressure. This seems to be a 
serious flaw and is unexplained. 

According to Voevodskii, the temperature dependence of recombination on 
silica is given by an energy of activation of 6.5 kcal mole, whereas Linnett 
finds a rapidly changing EF, 1 kcal mole near 20°C, rising to 13 at 300°C, and 
decreasing to zero again near 500°C. The value of y was found to rise from 
1.6 x 10~ at 20°C to 1.4 x 10-* at 600°C. 


Mg 1-45 «109 | 
Au 10-* 6.3 x 10 
Ni 10-* 8.1 x 10 
Fe 10-* 1.6 10 1.7 x 
Cu | 10! 1o-* 2.7 x 10 
Ag 10 2.5 x 10 9 x 10-* 
10-* 6.3 x 10 
Halides 9x 10 
CsCl 3.4 to 1.6 10° 10 
RbCI 4.5 to 2.4 10°* 10°? < 10 
BaCl, 5.7 to 1.9 10° 10 
KI 7.4 to 3.5 10°* 10 
KCI 7.8 x 10" 10 
KI 9.2 x 10-* 10 1.5 x 10-* 
NaCl 10 23x 
KBr 3x < 10 
' Licl 19 « 10° < 10 6 x 10-5 
10 
10° 
< 10 
10 
10 
< 10 
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Unpublished experiments in the author’s laboratory have shown a much 
smaller increase of y between 25 and 800°C for Vycor glass (96 per cent SiO,). 
Here the Wood-Bonhoeffer method was used and the O-atom concentration 


Discharge exciter and quartz discharge tube 
Jets for added gases 
Photomultipliers 
Furnace 
Cooling air jets 
Fic. 1. Fast flow apparatus. 


determined up- and downstream of a heated section of the flow tube (1.9 cm 
i.d., 33 cm long) by the intensity of the air afterglow and by the gas ‘titration’ 
with NO,™-*°. A diagram of the apparatus is shown in Fig. 1. A constant 


TABLE 2. SURFACE RECOMBINATION ON VYCOR GLASS AT 
T = 21 To 806°C 


Volume Recombination 


Correction 
log R— 0.097 1, sec 


0.126 
0.102 
0.113 0.020 


0.144 0.012 
0.168 0.007 


NN 


0.193 0.004 


a 


0.213 0.003 15.6 
21.4 
0.261 0.002 21.3 


stream of O, containing 14.0 + 0.2 per cent O-atoms was passed through the 
tube. The furnace was then heated to each of the seven temperatures listed in 
Table 2. Ample time was allowed for full equilibration and constancy of T at 
each temperature. Afterglow intensities were measured at P, and P,, and NO, 


| 
J; Js 
P,, P; 
F 
x 10? 2x 10" 
27 7.0 
a 21 1.70 1.65 24 
7.7 
134 «(1.56 ‘1.60 56 
216 82 
13 
j 72 
295 1.76 ‘1.72 12 
os | | 22 
26 
34 
2.35 2.22 2 
806 3 34 
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titrations were done at J, and J, at each temperature. The ratios, R, (intensities), 
and R, (titrations) are also listed. The agreement is seen to be quite good. 
Their average is used in the calculation of y. An exponential decay of O-atoms 
is assumed throughout. This is certainly true of the surface reaction, but it also 
holds fairly well for volume recombination which takes place primarily via Os. 
ky = 2.3/t log (R) or, is calculated as follows: From the decay at room 
temperature a correction to log R is obtained for the parts of the tube between 
P, and P, which are outside the furnace (4th column, Table 2). Strong air 
blasts at both ends of the furnace keep these parts at room temperature. The 
remaining part of log R is corrected for volume recombination. In the heated 
region, the first order rate constant for O-atom disappearance, k*, is assumed to 
consist of 
k* = ky + 2ksc,* 

where ky, measures wall recombination, and the second term volume recom- 
bination via 

0+0,+M-—-0,+M (5) 


and c, is the total concentration, approximately equal to c,, and to cy. The 
correction is made for two different values of k;, 6 x 10’ and 2 = 10°1? 
mole? sec~!, column 5 and 6, since these represent probable limits to its correct 
value (see Section 3.2.1). As the temperature is raised, this correction rapidly 
decreases—proportional to (7,/7)*—because c,* is proportional to (7,/T)* for 


flow at constant pressure, and the residence time is proportional to 7,/7. The 
exact temperature dependence of k, therefore has little influence on the results 
nor would the contribution of the direct recombination O + O + M — which 
is neglected here. The remaining term of log R then corresponds to the surface 
recombination in the heated section and yields ky. With the relation 


ork 

Ww 
we finally obtain y at each temperature. The results are in serious disagreement 
with those of Linnett or Voevodskii. y rises from 2.4 x 10-5 or 7.0 x 10° 
at 21°C depending on the choice of k,, to 3.4 x 10~* independent of k, at 800°C, 
a much smaller increase than that reported by other investigators. Objections 
can, of course, be raised to the treatment of the data, but it is clear that a 
different choice of k, or of its temperature dependence would affect y near 
room temperature, but virtually leave unchanged its high temperature value. 
The fact that both R, and R, show no striking increase with increasing tempera- 
ture proves that much of the atomic oxygen survives passage through the heated 
tube. The gas flow was only moderately fast (6 = 330 cm sec at 21°C) so that 
back diffusion and radial concentration gradients were negligible. Even at the 
highest temperature, each atom makes about 1300 collisions with the heated 
wall. 


FREDERICK KAUFMAN 


Before this series of experiments the Vycor tube had been washed out with 
HF solution (about 20 per cent) and rinsed with distilled water. It was allowed 
to dry and was then heated to 800°C in a fast stream of discharged oxygen. 
Only R; was measured in the preliminary experiment and it was found to 
increase only moderately with rising 7. After cooling overnight, the tube was 
again heated and the above data collected. It is not impossible that pure silica 
would behave differently, but such an explanation is unlikely. There is the 
further disagreement with Linnett’s temperature dependence that our y rises 
smoothly with 7, with no indication of leveling off even at 800°C. In other 
experiments, and with different surface treatment, we have observed larger y’s 
at elevated temperatures but never anything as large as 1.5 = 10-%, 

Several independent estimates of y for Pyrex glass can be found in the recent 
literature. Harteck and Dondes*’ reported a very large y = 0.1 for Pyrex glass- 
wool from data on the heterogeneous decomposition of O, but this is undoubt- 
edly due to the incorrect assumption of a mechanism whereby O, decomposition 
takes place by surface recombination of O-atoms in equilibrium with O, and O;. 

For Pyrex glass, the author®® found y = 2 x 10°, Herron and Schiff®* 
1.1 x 10-4, Elias, Ogryzlo and Schiff* 7.7 x 10-5; Harteck, Reeves and 
Mannella® estimated y between 10-* and 10-7 for Pyrex coated with ortho- 
phosphoric acid. Kretschmer*® reports a y of 3 x 10-* for O,-Ar rising to 
5 x 10~* in pure O, on H;PO,-coated glass. Thus in spite of much careful 
work, the disturbing fact remains that recombination coefficients often vary by 
a factor of five within the work of one laboratory, and by factors of 10 to 100 
between different groups. Some solace can be derived from the apparent 
relative consistency of Linnett’s work which yields the same order of increasing 
y (see Table 1) measured by two different methods. 

Linnett has proposed a mechanism for recombination on glass or silica 
which seems to be well substantiated by experiment: Gas phase O-atoms 
recombine with loosely bound O-atoms from the SiO, surface and these are 
then rapidly replenished from the gas phase. The surface is not covered with 
O-atoms, nor does physically adsorbed H,O influence y appreciably. Moderate 
heating has little effect, but strong heating will produce new, strained Si-O 
bonds at the surface which will be sites for recombination. For other oxide 
surfaces and for the surface treatment of glass, there seems to be a rough 
relation between acidity and y, acidic oxides having low y's, and basic oxides 
being more active. For this reason, contaminated glass surfaces can frequently 
be made inactive by treatment with HF, HNO,, or H,PO,, whereas treatment 
with NH; or other bases will greatly increase y. 

The dependence on the nature of the chemical element for oxide surface is 
not clear (Table 1). Several general trends are discernible, though: There is an 
increase of catalytic activity with increasing atomic number within a group; 
there is an increase for a partly filled 3d sub-shell; and there is surprising 
similarity in the relative activity for O, H, and OH". 
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B. Homogeneous Recombination 


1. Near room temperature.—There are two different mechanisms for the gas 
phase recombination of O-atoms: The ozone mechanism and the direct 
recombination. The ozone mechanism consists of the steps 

0+0,+M-0,+M (5) 
0,+M+-O+0,+M (6) 
O + O,-» 20, (7) 


Of these reactions, (5) and (7) are sufficient to describe recombination at a few 
mm Hg, whereas all three are needed to understand the thermal decomposition 
of ozone near 100°C at higher pressures. 


TaBLe 3. RATE CONSTANT FOR O + O, 


Fo, 1.29 sec™'; 7 


P A* corr. 
mm Hg 
(mm Hg)~* 


(0.38) 
0.48 
0.39 
0.37 
0.42 
10’ mole~* 


Direct recombination by 


0+0+M-—-0,+M (8) 
will be discussed later. 

In discharged oxygen containing about 10 per cent atomic oxygen or less, 
there is now much evidence that recombination takes place by (5) and (7), that 
the steady-state concentration of O, is very small, and that the gas phase process 


is therefore approximately first order in atomic oxygen. 
d(O) 


k*(O) = ky({O) + 2k(OKOKM) 
t 


Yet, k, is surprisingly small, approximately 100 times smaller than ky. Table 4 
lists values of k, at room temperature, for M = O,, reported by several investi- 
gators. Though there still exists a considerable spread, it appears probable that 
the correct value will lie between 0.6 and 2 x 108 1.? mole~* sec’. Unpublished, 
recent experiments by the author and Mr Kelso® seem to rule out a value in 
excess of about 2 x 108. Table 3 shows the results of a typical experiment. At 
4 constant, small flowrate of oxygen, the pressure and linear gas velocity are 


+ O,-- O, + O,, (ks) 
21°C 
k* k 
0.72 1.186 1.34 
1.22 1.492 1.86 
2.03 2.67 2.76 
3.03 13.3 4.98 
k,~0.21 =7 
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changed stepwise by bleeding air into the vacuum pump through a needle valve. 
Pressures vary from 0.72 to 3.03 mm Hg, gas velocities from 460 to 109 cm sec™! 
and air afterglow intensity ratios from 1.30 to 13.4. When the data are inter- 
preted in terms of ky and k,, and correction is made for the viscous pressure 
drop and for back diffusion (which increases k* by 11 per cent at the highest 
pressure) y is found to be 3.2 x 10-° and k, is 7 = 107 1.2 mole* sec~!. This 
is very good agreement with the ozone results. 


TABLE 4. RATE CONSTANT FOR O + O, + O, +O, + O, 
T = 295 + 3°C 


1.2 mole~* sec 

Benson & Axworthy* Thermal decomposition of O, 0.73 
Jones & Davidson* Shock-tube decomposition of O, 1.9 
Urbach, Wnuk, Wajtowicz 

& Zaslowsky* Thermal decomposition of O, 0.86 
Kaufman” Discharged O,, flow, air afterglow 2.08 
Elias, Ogryzlo & Schiff* Discharged O,, flow, catalytic probe 1.0% 
Harteck & Reeves* Discharged O,, flow, air afterglow 2.2 
Kretschmer* Discharged O,, static, air afterglow 1.1(T ~ 80°C) 
Kaufman & Kelso**® Discharged O,, flow, air afterglow 0.7 

* Because of the low steady-state concentration of O,, the observed rate constant (4 « 10*) 
is 

» Back diffusion was probably appreciable, but was not taken into account. 


Information on the temperature dependence of reaction (5) is available 
mostly from the work on ozone decomposition. The first three entries of Table 
3 provide the following Arrhenius expressions for k;: Benson and Axworthy*! 
6.0 x 10° exp(+ 0.6/RT); Jones and Davidson® 8.9 + 0.9 « 10% exp(+ 1.8 + 
0.4/RT); and Leighton, Vojtowicz, and Zaslowsky*™ 1.44 x 108 exp (—0.3/RT) 
where all activation energies are in kcal mole’. Elias, Ogryzlo, and Schiff 
report no change in the volume recombination rate between +23° and —60°C, 
but since reaction (7) can be expected to be very much slower at the lower 
temperature, this is interpreted as an increase of k,; and corresponds to an 
activation energy of —0.7 kcal mole’, in good agreement with Benson and 
Axworthy’s result. Such a small negative E would also be in fair agreement with 
the results on iodine-atom recombination after flash photolysis. 

There can be no doubt, however, that a more accurate determination of k, 
and of its temperature dependence is still very much needed. 

Reaction (7) has long been known to have an appreciable activation energy 
as must be obvious, since ozone is successfully generated in silent electrical 
discharges where the bimolecular reaction (7) competes with termolecular (5). 
Recent determinations of k, from the thermal and shock-tube decomposition 
of ozone have given 2.96 + 0.21 10! exp(—6.0/RT), 3.0 + 0.3 x 10% 
exp (—6.0 + 0.7/RT), and 4.26 x 10° exp (—3.2/RT)1. mole sec"! by the 
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same three groups of investigators in the same order. Of these the first two are 
in good agreement with each other and with older work. The new and as yet 
not fully reported study by Zaslowsky“™ and co-workers can not be disre- 
garded, however, since it is a direct experimental determination of k, by two 
independent methods: Mixing low pressure streams of O, containing O and O, 
in a flow system at 273 to 353°K; and determining the ratio k,/k, from the 
steady-state ozone concentration generated from excess O-atoms and measured 
spectrophotometrically at 213 to 239°K. Both of these methods gave an £, 
near 3.2 kcal mole“. A clarification of this important point is badly needed. 

The rate of reaction (6) is given by k, and the known equilibrium constant. 
Here, as in many present-day thermodynamic calculations involving O-atoms, 
- recent, unequivocal change in the correct value of Do * *” is slow taking root. 

Io, Of O (®P) is 59.56 kcal mole~’, not 59.16. Benson and Axworthy apparently 
ae not made this correction and their k, should read 4.61 + 0.25 x 10" 
exp (—24.4/RT) 1. 

If this brief summary has created the impression that nothing more is needed 
here than slightly more accurate rate constants, the author hastens to deny it. 
It is apparently simple reactions such as these that show up our limited know- 
ledge of fundamental reaction kinetics. Recombination processes such as (5), 
for example, are not simple. They proceed by formation of various loose 
association complexes, and may be looked upon as the reverse of unimolecular 
decompositions with all their great complication. Decomposition reactions 
such as (6) are complex even for diatomic molecules, because the role of rotation, 
the importance of multi-quantum transfers of vibrational energy versus single- 
quantum jumps near the dissociation limit, where the potential energy curve is 
not well known, and the contribution of other electronic states are not sufficiently 
understood**.*, 

Lastly, reaction (7) is one of a growing list of exothermic atom-molecule 
reactions in which a large fraction of the liberated energy produces vibrational 
excitation of the newly formed bond. McGrath and Norrish®® have found O, 
with up to 17 vibrational quanta (66 kcal mole-") in the flash photolysis of ozone. 
Recent experiments have suggested, however, that 'D O-atoms reacting with 
O, may be responsible for the vibrationally excited species*»*. In all of these 
reactions, there are thus problems of energy transfer and deviations from 
Maxwell-Boltzmann distributions of such seriousness that they are forcing a 
reappraisal of the fundamentals of reaction rate theory. 

So far, the discussion has dealt briefly with reactions (5), (6), and (7) for 
M = O,. Much direct and indirect work has also been done on comparing the 
efficiency of various added, non-reactive gases in (5). The results are compared 
in Table 5. Though some of the values in Table 5, such as the author's results, 
are little more than estimates of an order of magnitude certain comments can 
be made. The results obtained from ozone photolysis®® are in serious dis- 
agreement with those of other investigators. It is therefore probable that they 
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do not refer to reaction (5) with ground-state O and O,, but possibly to the 
recombination of 1D oxygen with the low-lying excited state O,('A,). If this 
were so, the role of M in the deactivation of both of these excited species must 
also be taken into account. 

The direct recombination reaction (8) was investigated by Reeves, Mannella 
and Harteck”’ who report k, to be 9.7 = 10° 1? mole~* sec~’. They use O,-Ar 
mixtures in a discharge-flow system and determine O-atoms by a modified NO, 
titration. As (8) is in competition with the ozone recombination mechanism 


TABLE 5. RELATIVE EFFICIENCY OF M IN 
O, +0 M-—-QO,+ M 
T = 295 + 3°K 


(not corrected for collision cross-section) 


Reference Method 


O, CO, N, 

Benson & Thermal decomp. 

Axworthy of O; 
Kaufman* Discharged O, flow, 

air afterglow 

Elias, Ogryzlo & | Discharged O, flow, 

Schiff® probe 
McGrath & 

Norrish*® O, flash photolysis 0.05 0.16 
Beretta & 

Schumacher®*® | O, photolysis ‘3 0.1 02 


* As these authors do not report a comparable rate for M = O,, the rate for M=N, 
was set equal unity. 


whose effective rate constant, 2k,, is about 2 « 10° 1.* mole~* sec™ it becomes 
clearly measurable only for high degrees of dissociation of O,. Such dissociation 
is not attainable in pure O, and mixtures with Ar or He are therefore necessary. 
Kretschmer* reports a k, of 2.5 +. 1.0 « 10° 1.2 mole~* sec from the decay 
of the air afterglow in discharged O,—Ar mixtures under static conditions, at 
about 80°C, after the discharge is turned off. Yet, Elias, Ogryzlo and Schiff® 
set an upper limit of 4 x 10° for k, on the basis of their good first-order plots 
of log (O) vs. distance along the flow tube. More recently, Elias* has set an 
even smaller upper limit to Kg. 

Two other estimates of k, have been reported. Golden and Myerson® 
dissociate O, or O,-Ar mixtures by a powerful radio frequency discharge in an 
absorption cell and photograph the Schumann-Runge system of O, in the 
vacuum-ultraviolet using a flash light source suitably triggered after known 
delay times. They therefore measure the rate of re-appearance of ground state 
O, which may differ significantly from that of the disappearance of O-atoms, 
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since O, ('A,) is known to be present in discharged O,. Approximate values of 
3 x 10° and, later®, 1 x 10° 1.* mole~* sec" were reported, uncorrected for 
1A, formation or for recombination via ozone. 

Krongelb and Strandberg*® report a k, of 5 x 10° in a flow system using 
paramagnetic resonance detection of O-atoms. They state that their observed 
rate was more than an order of magnitude larger than that calculated for the 
ozone mechanism using Benson and Axworthy’s data. But since their O-atom 
concentration was 0.1 or less of total pressure, this statement is unjustified. 
Corrected for wall recombination, their flow tube results at 5 mm Hg pressure 
are compatible with a k, of about | to 2 « 10° 1.* mole~* sec~, in good agree- 
ment with other values listed in Table 3, and thus should not be interpreted as 
the direct recombination (8). 

Unpublished experiments in the author's laboratory have shown the contri- 
bution of (8) over and above the ozone mechanism in the discharge-flow system. 
In 10: 1 and 4: | Ar: O, mixtures, under constant conditions of pressure and 
flowrate, the microwave power (a magnetron capable of generating 800 W of 
C.W. power) was varied over a sixfold range. Ratios of air afterglow intensities 
and of NO, titrations were measured at the points indicated in Fig. 1. These 
ratios were constant, independent of discharge power—i.c. initial O-atom 
concentration—up to a certain power level, but upwards of that level the ratio 
increased, as would be expected from the rising contribution of a process 
second-order in O-atoms. A similar effect was observable in pure O,, to which 
had been added a small amount of N, to increase the dissociation in the dis- 
charge®’, when the gas stream contained more than about 15 per cent atomic 
oxygen. The data were interpreted as simultaneous first- and second-order 
reactions and gave a range of 0.8 to 1.4 x 10°1.* mole~* sec for k,, in good 
agreement with Reeves, Mannella and Harteck™. 

Very little is known about the efficiency of added gases in (8). Ar and O, 
seem to be about equally good, since no clear dependence of k, on Ar : O, ratio 
was observed*’. 

2. At high temperatures. Though there is a rapidly increasing store of 
kinetic information from very elegant photometric and mass-spectrometric work 
on flame reactions™*.5%.5*, these methods cannot yield data on oxygen recombina- 
tion. Direct recombination is so slow that O-atoms react faster with other 
species present in flames. Our principal source of information is therefore the 
study of O, dissociation at high temperatures in shock-tubes in conjunction with 
known thermodynamic data. Several such investigations have been reported 
recently®®- and they are well summarized by Matthews® who did a careful 
interferometric study of the dissociation over the temperature range 3000 to 
5000°K. The reaction in pure O, undoubtedly is 

O,+0,-0+0+0, (9) 


i.e., the reverse of (8), and 
0,+0-0+0+40 
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in cases where the degree of dissociation is high. The reverse of the ozone 
mechanism, 0,+0,+0+0, 
+ 0+ 0, + 0, 

is slower by two to three orders of magnitude as has been shown by Benson and 
Axworthy" and by Duff®. It becomes equal in rate to (9) at much lower 
temperatures, near 1100°K. Its contribution to the dissociation process seems 
to be definitely settled, though contrary statements can be found in a recent 
discussion™. 

Matthews’ experimental results from the dissociation of pure O, at Mach 8 
to 10 is represented by the expression 


ky = 7.4 x e~ PIET mole~! sec™! 


where P, the collision efficiency, equals 0.07, and D = 117.96 kcal mole is 
the dissociation energy of O,. Combined with the known thermodynamic data 
on O, = 20, this yields a recombination rate constant, k,, of 8 + 2.5 « 1081? 
mole~* sec at 3500°K and 17 + 5 x 10% at 2500°K. These values extrapolate 
to about 1500 x 10° at room temperature compared with a range of 8 to 20 x 
10° from direct experimental work. This is a large gap and it cannot be removed 
by changing the temperature dependence of the extrapolation. As Fig. 5 of 
reference 60 shows, k, is increasing between 5000 and 2500°K and has, at the 
lower end of this range, reached a value of 20 x 10%, about twice its most 
probable room temperature value. It would therefore be necessary to postulate 
a change from negative to positive temperature dependence for k, between 300 
and 2500°K to bring these results into agreement. Such a change is unlikely. 
The work of Byron® on the shock dissociation of O,-Ar mixtures gives a some- 
what smaller k, at 2500°K (5 = 10%) and a smaller temperature dependence so 
that the extrapolated value at 300°K is 60 x 10%. 

These discrepancies cannot easily be resolved. A k, of 60 to 1000 x 108 at 
room temperature is completely out of question, as it would demand rates of 
disappearance of atomic oxygen 10 to 100 times faster than those observed. 
There is ample evidence, moreover, that the low temperature studies deal with 
ground-state O-atoms (*P). It is the author’s (somewhat prejudiced) opinion 
that final agreement will be reached as a result of recalculation and re-interpreta- 
tion of the shock-tube results. 


IV. REACTION WITH OXIDES OF NITROGEN 


A. Nitric Oxide 
There are three fundamentally different reactions between O-atoms and NO, 

O + NO— NO, + hy (2) 

O+NO+ M-—~NO,+ M (3) 

0+ NO—0O,+N. (10) 
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They are the radiative recombination (2), the termolecular recombination (3)— 
whose detailed course may involve association reactions to form various excited 
NO, configurations, followed by spontaneous decomposition or collisional 
deactivation—and the bimolecular reaction (10). Reaction (2) is the indicator 
reaction in the air afterglow method, and, fortunately, its rate is so small that 
it is a negligible drain on the O-atom concentration except at very low pressures. 
Its rate constant was estimated at room temperature by the author®*®. A bright 
glow was produced in a flow system with known concentrations of added nitric 
oxide and of atomic oxygen (determined by NO, titration). Its intensity was 
measured with a calibrated photometer of known frequency response. The 
measurement was corrected for the frequency distribution of the glow and for the 
particular geometry of the experiment. Expressed as a rate constant, k,, for the 
production of average quanta at 5500 A, the result was 1.5 x 10*1. mole sec, 
with a large probable error. The more recent finding that the glow extends to 
about 9000 A should increase this estimate somewhat, but by less than a factor 
of two. This is about 10~ times the collision frequency of O and NO and implies 
a half-life of about 10~* sec for the upper state of the electronic transition. It 
confirms an estimate of 6 10° 1. mole sec~* by Bates™. 

Three recent, approximate estimates of k, at higher temperatures are also 
available. Near 1000°K, Kaufman, Gerri and Bowman™ observed the emission 
of the air afterglow from decomposing nitrous oxide. A rough photometric 


experiment gave a value of 10~* for the light yield of the reaction, defined as the 
number of quanta emitted divided by the number of N,O molecules decomposed. 
The total intensity of emitted light, /, can be approximated by 


k,(M) 


(see equation f, ref. 67, p. 114) where R is the rate of decomposition of N,O 
and (M) the total concentration of all species. k, was found to be 6 x 10° 1.? 
mole~* sec? under these conditions, and with //R = 10~°, k, is about 1001. 
mole~! sec". 

Kaskan**, and Bulewicz and Sugden®* have arrived at estimates of k, in 
H,-air flames, with known concentrations calculated from a knowledge of the 
steady-states involving the major molecular and radial species. _Kaskan worked 
with lean flames at temperatures of 1290 to 1840°K and found good proportion- 
ality of J to O and NO concentrations. In gas mixtures with much excess 
oxygen, thermal radiation due to NO, was also found to be present at wave- 
lengths longer than 5000 A. Absolute intensity measurements combined with 
the approximate frequency distribution of the continuum, gave an approximate 
k, of 1.2 « 10° 1. mole 

Bulewicz and Sugden studied the O-NO continuum in rich H,-air flames 
at temperatures up to 2500°K. The results are in agreement with the simple 
interpretation, i.e. reaction (2), up to about 2100°K, but beyond this, large 
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deviations occur whose origin is obscure. A quantum yield of 10-* (probability 
of emission per binary collision) was reported. This corresponds to a k, of 
300 I. mole! 

In summary, though each of the above estimates has a large probable error 
they suggest that ky») decreases from about 10* 1. mole! sec~ at 300°K to about 
10° at 2000°K. 

The termolecular reaction (3) is among the more accurately known atom 
reactions. Four recent determinations of k, are available. Ford and Endow®* 
photolyzed NO, at very small partial pressures in a large stirred-flow reactor 
and measured the light intensity, NO,, NO, and O, concentrations. On the 
basis of Benson and Axworthy’s value for k; (M = N,), they obtained k, = 
1.8 x 10% 1.2 mole~* sec~' for N, as the third body. Three absolute determina- 
tions of k,; (M = O,) by Kaufman*®, Harteck, Reeves and Mannella*® and 
Ogryzlo and Schiff®* using the discharge-flow method have yielded values of 
2.5+0.3 x 2.7 + 0.2 x 10", and 1.85 + 0.1 x 10?°. 

Not much information is available on the efficiency of different third bodies 
in (3). The accuracy of such measurements is low, since some QO, is also present. 
All three groups agree that Ar and O, are equally efficient, and reference 20 
and 68 agree that N, and He are also about equal to O,. CO, or N,O are more 
efficient than O, by about 50 per cent according to reference 20, CO, only by 
10 per cent according to reference 68. 

Kistiakowsky and Volpi’® make the unfortunate statement that a bimolecular 
reaction between O and NO occurs at virtually every collision to form NO,. 
Their rate constant actually refers to the formation of a collision complex, NO,*, 
whose almost certain fate it is—except at very high pressures—to revert to 
O + NO. Multiplied by the ratio of collisional deactivation to spontaneous 
decomposition, this bimolecular rate of formation of NO,* yields a termolecular 
k, of 4.6 « 10'° which is in fair agreement with the above results. 

Some information on the temperature dependence of k, can be obtained 
from three sources. Kaufman, Gerri and Bowman” found a value of 6 « 10° 1. 
mole~* sec~? near 1000°K from measurements of the yield of NO in the thermal 
decomposition of N,O. As this k, refers to M = N,O it should be compared 
with a k,, of 3 x 10'® at room temperature. This corresponds to a negative 
energy of activation of 1.5 kcal mole or a k, proportional to T-*-*. 

Huffman and Davidson” studied the decomposition of NO, in a shock-tube 
at 1400 to 2300°K and found it to consist of two parts: A unimolecular part at 
its low pressure limit and a bimolecular reaction of much lower activation 
energy. The unimolecular reaction is the reverse of (3) and it agrees with the 
Rice-Ramsperger-Kassel theory if three classical oscillators are assumed to 
contribute. On this basis, the recombination reaction should have a rate con- 
stant proportional to 7—*/*, in very good agreement with the above experimental 
results. Ogryzlo and Schiff®*, however, report a smaller temperature dependence 
for (3), M = CO,, between 294 and 213°K. Their rate constant increased by 
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only 15 per cent, indicating a negative E of 0.24 kcal mole or a k, proportional 
to 

Reaction (10) is endothermic, AH? - 32.1 kcal mole~', and cannot occur 
near room temperature. It does occur, however, above about 1500°K and its 
rate constant was determined by Kaufman and Decker™ from kinetic data on 
the thermal decomposition of NO in the presence of excess O,. In the interval 
1500 to 1700°K, the Arrhenius expression for ky, is 3.6 « 10° exp (—39.5/RT) 1. 
mole sec. This is in good agreement with the results of Kistiakowsky and 
Volpi’® on the reverse reaction, 

N + O,-» NO + O, 
= 2 x 10° exp (—6.2/RT) for T = 400 to 500°K. 


B. Nitrogen Dioxide 
Two reactions are possible here. 
O + NO, -+ NO + O, (4) 
O + NO, + M--NO,+ M (11) 
Of these, (4) is the more important. It is so rapid that it overshadows (11) at 
sub-atmospheric pressures, though (11) is claimed to be a very rapid termolecular 
reaction. The addition of NO, to discharged O, at low pressure can be used as 
a gas titration for O-atoms, as was described above. The sharpness of the 
extinction of the air afterglow by a barely sufficient addition of NO,, and the 
small region of mixing and reaction indicate visually how large k, is. From 
these simple considerations it is clear that k, > 10° 1. mole~' Ford and 
Endow® report a value of 2.1 x 10* by the photolysis of NO, at low concentra- 
tion. Kistiakowsky and Kydd™ studied the reaction directly in a time-of-flight 
mass-spectrometer. They found the reaction to proceed with a collision yield 
of 10-* or greater, i.e. ky > 1 x 10°. Lipscomb, Norrish and Thrush” have 
shown that reaction (4) produces vibrationally excited O, with up to eight 
quanta of vibrational energy. 

The termolecular reaction (11) was invoked by Ford and Endow® to explain 
the steady-state reached in their photolysis experiments. A value of | x 10" 1? 
mole~* sec~* was reported for Mf = N,. It must be pointed out, however, that 
all their experiments were carried out with excess N, at | atmosphere, so that 
there is no direct experimental verification. There is some contrary evidence by 
Sato and Cvetanovic'™ who find no dependence on N, pressure of the products 
of photo-oxidation of cis-pentene-2 by NO,. It is likely that k,, is considerably 
smaller than the above value. 


C. Nitrous Oxide 
Two bimolecular reactions are possible and both are known to occur. 
O + 2NO (12) 
O + N,O-—-N, + O, (13) 
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Of these, (12) is the more interesting by far, since it is of very great importance 
in several processes: A. The formation of NO in N,O photolysis in the vacuum- 
ultraviolet™:*; B. The formation of NO in the thermal decomposition of 
N,O*; and C. The thermal decomposition of NO and the question whether 
the reverse of (12) is a major route for that process’’»7*,79, 

Reaction (12) can, of course, not be observed in discharge flow systems at 
room temperature, because it has an appreciable energy of activation. From 
the yield of NO in the thermal decomposition of N,O at 900-1000°K, Kaufman, 
Gerri, and Bowman®™ arrived at an Arrhenius expression, kj, = 1 x 10° 
exp (—15.5/RT) 1. mole sec on the basis of a mechanism and other assump- 
tions. This seemed to rule out the reverse of (12) as a principal path for the 
decomposition of NO, since that reaction had been shown to have an E of 
63.8 kcal mole, whereas the addition of 15.5 and 35.6, the AHjoo9, gave only 
51.6 kcal mole~*. This view and the above Arrhenius expression for k,, were 
contested, however, by Fenimore and Jones** who studied the rate of appearance 
of NO in flame gases above cooled porous burners by mass-spectrometric 
analysis. The rapid flame equilibria between H, OH, H,, H,O, and O were 
taken into account, N,O was measured, and a new expression for k,, obtained, 
ky, = 4 10" exp (—32 + 4/RT)1. mole sec. 

These same authors have since re-examined this reaction’® using more 
accurate methods for estimating the concentration of O-atoms and, have found 
ky = 2 10" exp(—28 + 3/RT)I. mole sec". Such a rate expression 
would make it very probable that NO decomposes via N,O + O at 1400 to 
1600°K, though no chain process would be involved, since N,O would decom- 
pose rapidly and N, + O, would be produced. 

Reuben and Linnett*® attempted to invoke ‘hot O-atom’ reaction with N,O 
to explain the effect of inert gases on the thermal decomposition of N,O, but 
their explanation meets two obstacles: If £,, is 28 kcal mole~', the ‘hot’ O-atom 
coming out of the initial rupture of the N,O molecule with an excess of about 
12 kcal mole“ would be ineffective. If £,, is near 15 kcal mole the pre- 
exponential factor must be correspondingly lower, about 10-* of the collision 
frequency, and the ‘hot atom’ would have ample time to ‘cool off’ before 
reaction. 

The author has recently attempted to clarify this question by letting a 
mixture of discharged O, and N,O (added downstream from the discharge) 
traverse a heated section of the flow tube. A furnace was placed between J, 
and J, (Fig. 1), but strong air blasts kept the observation points P, and P, at 
room temperature. Air afterglow intensities and NO, titrations were carried 
out at several furnace temperatures up to 800°C. The occurrence of reaction (12) 
is easily seen, since above about 500°C the glow increases in brightness down- 
stream, and this can only be due to the formation of NO. From the rate of 
increase of this glow with increasing temperature, an estimate of 21 kcal mole! 
was obtained for £,, after making many corrections. With the fast flows used 
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in these experiments there may be insufficient time for temperature equilibration 
in the heated region. Thus, this estimate probably is quite inaccurate, but it 
does lend support to a higher value of £,, than the original 15.5 kcal mole. 

Very little can be said about reaction (13). Kaufman, Gerri and Bowman 
found its rate and activation energy to be close to that of (12) with both the 
pre-exponential factor and £,, slightly lower than their counterparts in (12). 
In spite of the probable change in the expression for ky), the above conclusion 
seems to be correct. 


V. REACTIONS WITH OTHER SMALL MOLECULES 


There has been relatively little progress since Harteck and Kopsch’s* early 
work. One of the most interesting problems, the reaction of O-atoms with H, 
and with OH is still in need of further work. The early finding that reaction (14) 


O + H,--OH +H (14) 


has an activation energy of 6 + 1 kcal mole received qualitative support 
from the author’s*® approximate value of 3 + 1 = 10*1. mole sec~ at 295°K 
for the rate of disappearance of O-atoms by reaction with H,. It seems likely, 
however, that OH reacts very rapidly with excess O, 


O + OH+O, +H (15) 


so that the overall reaction proceeds at twice the rate of (14) and represents the 
dissociation of one H, for the recombination of two O-atoms. The experiments 
with wet, discharged, O, are of interest here. The author’s®® observation that 
O-atoms decayed considerably faster in the presence of the discharge products 
of H,O has recently been verified by Kretschmer*®. The explanation of this 
catalysis probably lies in the production of H, OH, and O in the discharge, 
followed by (15) which rapidly removes all OH in the presence of excess O, 
(Fenimore and Jones™ report a value of 6 x 10" exp (—18.0/RT) 1. mole 
sec~ for the reverse of (15) which implies a very small E and high pre-exponen- 
tial factor for (15)) and the reactions 


H + O,+ M-»HO, + M (16) 


O + HO, OH + (17) 


which together with (14) make a recurring set of steps whose overall rate should 
be governed by (16). (16) is known to be a fast termolecular reaction™, ky. = 
3 x 10" mole* for M = H,, probably higher for M = O,. As this 
catalytic scheme depends on atom-radical reactions and termolecular recom- 
binations, it would be expected to decrease quickly in importance at pressures 
much below | mm Hg. This is indeed observed, as Linnett and co-workers have 
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repeatedly shown that there is little difference between O-atom decay in dry and 
wet discharged oxygen near 0.1 mm Hg. Kretschmer*® proposed 


O+ OH + M--HO, + M 


to be the slow step, but this seems unlikely in view of the great speed of the 
corresponding bimolecular reaction (15). 

It is difficult to reconcile the apparent great speed of (15) with the reports 
of Avramenko™.** who claims both atomic oxygen and hydroxyl radicals as 
major products of discharges in water vapor. More experimental work is badly 
needed here. An attempt should also be made to measure the rate of the re- 
combination reaction 


O+H+M-—-OH+M 


directly in a double discharge-flow system and to determine to what extent OH 
(7) is formed. 
Some information is available on the similar recombination 


O+N+M--NO+4+ M (18) 


which was studied by Harteck, Reeves, and Mannella*® by mixing discharged 
streams of oxygen and nitrogen, determining atom concentrations and rates of 
decay separately with only one discharge on, and then comparing these with 
the higher rates of disappearance in the presence of both atomic species. An 
approximate k,, of 2 « 10*1.* mole~* sec! was observed. This lies between 
the values found by the same investigators for O + O + M(1 x 10°) and 
N+N-+ M(6 x 10%). Reaction (18) is also responsible for the blue NO 
afterglow, i.e. the emission of the £, y, and 6-band systems of NO downstream 
of discharges of N, with a little O,, or in active nitrogen when a little NO is 
added. In either case, O-atoms are produced by the very rapid reaction 
N + NO—-N, + O. To what extent the recombination (18) produces excited 
states of NO (B*z, A*X, C*) which either radiate or are deactivated by collisions 
is unknown. The light emission is quite intense. 

Not much is known about reaction with CO, SO,, and SOs. The reaction 
with CO is certainly very slow if it occurs at all: The author®® assigned an upper 
limit of 5 x 10°1.* mole~* sec! for O + CO + M-+CO, + M, but it is 
probably much slower still because of the change of multiplicity. It may be of 
interest to observe whether this reaction does take place at much higher tempera- 
tures and has an activation energy. The purported rapid gas-phase reaction 
between O and CO by Avramenko and Kolesnikova® is in conflict with these 
results and may be due to surface recombination at —195°C. 

The reaction O + SO, + M-+ SO, + M appears to be quite fast, its k is 
about 3 x 10° 1. mole~* sec“ at 295°K, M = O,. The bimolecular O + SO, 
> SO, + O,, however, does not take place at room temperature, but SO, 
apparently increases the surface recombination efficiency and should be avoided 
in discharge-flow systems. Similarly, Fe(CO), reacts rapidly with O-atoms to 


: 

i 

ay 
aa 
: 


Reactions of Oxygen Atoms 31 


produce a highly catalytic surface of finely divided Fe,O, and thereby ruins the 
flow tube. 

Cl, exerts a most interesting catalytic effect*® which is fast, reversible, and 
therefore probably not due to surface adsorption. A small quantity of Cl, is 
able to recombine a ten-fold excess of atomic oxygen very rapidly. The initial 
step is undoubtedly 

O + Cl, + ClO -} Cl. (19) 


In the presence of a large excess of O, this might be followed by 


O + ClO-O, + Cl. (20) 


These two reactions merely replace 2 O's by 2 Cl’s and are therefore not cata- 
lytic. One is reminded of the extremely rapid formation of ClO in the flash 
photolysis of Cl,-O, mixture*’, though here there are excess O-atoms rather 
than Cl-atoms. Following a suggestion of Benson and Buss**, the ClO, radical 
may be formed in a fast, termolecular step 


Cl + 0, + M--ClOO + M (21) 
followed by 
O + ClOO ClO + O, (22) 


which completes the recurring sequence (20), (21), (22). Since (20) and (22) will 
likely be very fast, (21) determines the rate. Calculations of this scheme give 
ko ~7 10°12 mole~*® at 295°K, M = O,, a reasonable value for a 
fast recombination reaction, in line with O + NO + M and H+ O, + M. 
Br, produces a similar effect though the overall reaction is slightly slower. 

A particularly intriguing effect of halogens in O-atom recombination was 
discovered™ in a study of the decomposition and chemiluminescence of N,O 
near 1000°K. The rapid formation of NO in the early stages of this decomposi- 
tion, its self-inhibition, and the observed air afterglow during its decomposition 
can be understood in terms of the simple mechanism 


N,O +N, +0 
N, + O, 
N,O 
2NO 
O — wall 
O + NO+ M—-NO,+ M 
O + NO-NO, + hy 
NO, + N,O— N, + O, + NO. 


(3) 

(2) 
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Of these, (12) is the more interesting by far, since it is of very great importance 
in several processes: A. The formation of NO in N,O photolysis in the vacuum- 
ultraviolet®.°; B. The formation of NO in the thermal decomposition of 
N,O”; and C. The thermal decomposition of NO and the question whether 
the reverse of (12) is a major route for that process77.78,79, 

Reaction (12) can, of course, not be observed in discharge flow systems at 
room temperature, because it has an appreciable energy of activation. From 
the yield of NO in the thermal decomposition of N,O at 900-1000°K, Kaufman, 
Gerri, and Bowman™ arrived at an Arrhenius expression, k,, = 1 < 108 
exp (—15.5/RT) 1. mole“ sec on the basis of a mechanism and other assump- 
tions. This seemed to rule out the reverse of (12) as a principal path for the 
decomposition of NO, since that reaction had been shown to have an E of 
63.8 kcal mole", whereas the addition of 15.5 and 35.6, the AH jo09, gave only 
51.6 kcal mole". This view and the above Arrhenius expression for k,, were 
contested, however, by Fenimore and Jones’* who studied the rate of appearance 
of NO in flame gases above cooled porous burners by mass-spectrometric 
analysis. The rapid flame equilibria between H, OH, H,, H,O, and O were 
taken into account, N,O was measured, and a new expression for k,. obtained, 
ky, = 4 10" exp (—32 + 4/RT) 1. 

These same authors have since re-examined this reaction?® using more 
accurate methods for estimating the concentration of O-atoms and, have found 
Kig = 2 x 10" exp(—28 + 3/RT)I. mole“ sec. Such a rate expression 
would make it very probable that NO decomposes via N,O + O at 1400 to 
1600°K, though no chain process would be involved, since N,O would decom- 
pose rapidly and N, + O, would be produced. 

Reuben and Linnett*® attempted to invoke ‘hot O-atom’ reaction with N,O 
to explain the effect of inert gases on the thermal decomposition of N,O, but 
their explanation meets two obstacles: If E,, is 28 kcal mole—, the ‘hot’ O-atom 
coming out of the initial rupture of the N,O molecule with an excess of about 
12 kcal mole~* would be ineffective. If £,. is near 15 kcal mole the pre- 
exponential factor must be correspondingly lower, about 10-* of the collision 
frequency, and the ‘hot atom’ would have ample time to ‘cool off’ before 
reaction. 

The author has recently attempted to clarify this question by letting a 
mixture of discharged O, and N,O (added downstream from the discharge) 
traverse a heated section of the flow tube. A furnace was placed between J 
and J, (Fig. 1), but strong air blasts kept the observation points P, and P, at 
room temperature. Air afterglow intensities and NO, titrations were carried 
out at several furnace temperatures up to 800°C. The occurrence of reaction (12) 
is easily seen, since above about 500°C the glow increases in brightness down- 
stream, and this can only be due to the formation of NO. From the rate of 
increase of this glow with increasing temperature, an estimate of 21 kcal mole- 
was obtained for £,, after making many corrections. With the fast flows used 
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in these experiments there may be insufficient time for temperature equilibration 
in the heated region. Thus, this estimate probably is quite inaccurate, but it 
does lend support to a higher value of £,, than the original 15.5 kcal mole. 

Very little can be said about reaction (13). Kaufman, Gerri and Bowman 
found its rate and activation energy to be close to that of (12) with both the 
pre-exponential factor and £,, slightly lower than their counterparts in (12). 
In spite of the probable change in the expression for k,,, the above conclusion 
seems to be correct. 


V. REACTIONS WITH OTHER SMALL MOLECULES 


There has been relatively little progress since Harteck and Kopsch’s* early 
work. One of the most interesting problems, the reaction of O-atoms with H, 
and with OH is still in need of further work. The early finding that reaction (14) 


O+H,-OH+H (14) 


has an activation energy of 6 + | kcal mole received qualitative support 
from the author’s*® approximate value of 3 + 1 x 10*1. mole sec~ at 295°K 
for the rate of disappearance of O-atoms by reaction with H,. It seems likely, 
however, that OH reacts very rapidly with excess O, 


O + +H (15) 


so that the overall reaction proceeds at twice the rate of (14) and represents the 
dissociation of one H, for the recombination of two O-atoms. The experiments 
with wet, discharged, O, are of interest here. The author’s*® observation that 
O-atoms decayed considerably faster in the presence of the discharge products 
of H,O has recently been verified by Kretschmer*®. The explanation of this 
catalysis probably lies in the production of H, OH, and O in the discharge, 
followed by (15) which rapidly removes all OH in the presence of excess O, 
(Fenimore and Jones* report a value of 6 x 10" exp (—18.0/RT) 1. mole 
sec! for the reverse of (15) which implies a very small £ and high pre-exponen- 
tial factor for (15)) and the reactions 


H + O, + M-»HO, + M (16) 


O + HO, OH + (17) 


which together with (14) make a recurring set of steps whose overall rate should 
be governed by (16). (16) is known to be a fast termolecular reaction™, ky, 

3 x 10" 1.2 mole sec~! for M = H,, probably higher for M = O,. As this 
catalytic scheme depends on atom-radical reactions and termolecular recom- 
binations, it would be expected to decrease quickly in importance at pressures 
much below | mm Hg. This is indeed observed, as Linnett and co-workers have 
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repeatedly shown that there is little difference between O-atom decay in dry and 
wet discharged oxygen near 0.1 mm Hg. Kretschmer* proposed 


O+ OH + M--+HO, + M 


to be the slow step, but this seems unlikely in view of the great speed of the 
corresponding bimolecular reaction (15). 

It is difficult to reconcile the apparent great speed of (15) with the reports 
of Avramenko™®:** who claims both atomic oxygen and hydroxyl radicals as 
major products of discharges in water vapor. More experimental work is badly 
needed here. An attempt should also be made to measure the rate of the re- 
combination reaction 

O+H+M-OH+M 
directly in a double discharge-flow system and to determine to what extent OH 
(72) is formed. 
Some information is available on the similar recombination 
O+N+M-+-NO+M (18) 


which was studied by Harteck, Reeves, and Mannella® by mixing discharged 
streams of oxygen and nitrogen, determining atom concentrations and rates of 
decay separately with only one discharge on, and then comparing these with 
the higher rates of disappearance in the presence of both atomic Species. An 
approximate k,, of 2 x 10° 1.2 mole~* was observed. This lies between 
the values found by the same investigators for O + O + M(1 x 10°) and 
N+N-+ M(6 x 10%). Reaction (18) is also responsible for the blue NO 
afterglow, i.e. the emission of the f, y, and 5-band systems of NO downstream 
of discharges of N, with a little O,, or in active nitrogen when a little NO is 
added. In either case, O-atoms are produced by the very rapid reaction 
N + NO-N, + O. To what extent the recombination (18) produces excited 
states of NO (B*z, A*X, CZ) which either radiate or are deactivated by collisions 
is unknown. The light emission is quite intense. 

Not much is known about reaction with CO, SO,, and SO,. The reaction 
with CO is certainly very slow if it occurs at all: The author?° assigned an upper 
limit of 5 x 10°12 mole sec for O+ CO+ M— CO, + M, but it is 
probably much slower still because of the change of multiplicity. It may be of 
interest to observe whether this reaction does take place at much higher tempera- 
tures and has an activation energy. The purported rapid gas-phase reaction 
between O and CO by Avramenko and Kolesnikova® is in conflict with these 
results and may be due to surface recombination at — 195°C. 

The reaction O + SO, + MSO, + M appears to be quite fast, its k is 
about 3 « 10!°1.2 mole~® sec at 295°K, M = O,. The bimolecular O + SO, 
-~» SO, + O,, however, does not take place at room temperature, but SO, 
apparently increases the surface recombination efficiency and should be avoided 
in discharge-flow systems. Similarly, Fe(CO), reacts rapidly with O-atoms to 
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produce a highly catalytic surface of finely divided Fe,O, and thereby ruins the 
flow tube. 

Cl, exerts a most interesting catalytic effect*® which is fast, reversible, and 
therefore probably not due to surface adsorption. A small quantity of Cl, is 
able to recombine a ten-fold excess of atomic oxygen very rapidly. The initial 
step is undoubtedly 

O + Cl, ClO + Cl. (19) 


In the presence of a large excess of O, this might be followed by 


O + + Cl. (20) 


These two reactions merely replace 2 O's by 2 Cl’s and are therefore not cata- 
lytic. One is reminded of the extremely rapid formation of ClO in the flash 
photolysis of Cl,-O, mixture*’, though here there are excess O-atoms rather 
than Cl-atoms. Following a suggestion of Benson and Buss**, the ClO, radical 
may be formed in a fast, termolecular step 


Cl + O, + M-+ ClOO + M 
followed by 
O + -- ClO + O, 


which completes the recurring sequence (20), (21), (22). Since (20) and (22) will 
likely be very fast, (21) determines the rate. Calculations of this scheme give 
ko ~7 10° 1.2 sec”! at 295°K, M = O,, a reasonable value for a 
fast recombination reaction, in line with O + NO + M and H+ O, + M. 
Br, produces a similar effect though the overall reaction is slightly slower. 

A particularly intriguing effect of halogens in O-atom recombination was 
discovered™ in a study of the decomposition and chemiluminescence of N,O 
near 1000°K. The rapid formation of NO in the early stages of this decomposi- 
tion, its self-inhibition, and the observed air afterglow during its decomposition 
can be understood in terms of the simple mechanism 


N,O N, + O 
N, + 0, 


2NO 
O — wall 
O + NO + M-+NO, 
O + NO-NO, + hy 
NO, + N,O + N, + O, + NO. 


(22) 
+ N,0 
(3) 
(2) 
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Initial yields of NO can be as high as 60 per cent, but as the decomposition 
progresses, (3) becomes the principal fate of O-atoms and the NO concentration 
levels off. Concurrently, the afterglow is produced by (2). Added substances 
which inhibit the formation of NO by reacting rapidly with O-atoms also inhibit 
the glow as might be expected. Among the most effective inhibitors is I, or 
C,H;I (which is very rapidly decomposed at this temperature). As there can 
be no doubt that iodine is present in atomic form near 1000°K, its very high 
efficiency is most surprising. Put in terms of the simple recombination 


M 


a rate constant about 200 times that of (3)—a rapid recombination itself—would 
be required. Br- and Cl- compounds are not quite as effective and it seems that 
atomic halogen is required. Moreover, the inhibition has a large negative 
temperature coefficient, too large to be explained by a simple recombination of 
atomic species. The effect may have applicability in flame inhibition and 
deserves closer study. 

A recent study of the reaction of O-atoms with NH, and N,H,*® in an 
atomic flame apparatus has shown the reaction with hydrazine to be very fast 
and to produce emission spectra due to OH, NH, NH,, and NO. The NH, 
reaction is slower and leads to weak emission of OH. In general, atomic flame® 
experiments are not as useful as flow tube experiments, because in the absence 
of walls which can dissipate the heat liberated in exothermic steps, atomic flames 
attain such high temperatures that they often do not differ significantly from 
ordinary fuel-O, flames at low pressures. 

Rich H,-air flames have been shown by Sugden and co-workers** to contain 
rather large excesses of H and OH concentrations over stoichiometric immedi- 
ately beyond the primary flame zone and these atoms and radicals decay fairly 
slowly in the flame gases by recombination reactions. Kaskan® succeeded in 
finding similar excesses in lean H,-air flames and measuring their rates of dis- 
appearance. Though O-atoms are present in fairly high concentrations and in 
excess of their equilibrium concentration by factors of up to 10°, information 
about their reaction rates at high temperatures cannot be obtained, because of 
the balanced steps 


O+H,=OH+H 


O+H,0 = 


OH + H, = H,O + H 


which assure that the recombination of any of the radicals will result in a 
proportionate decrease of all of them. In this particular case, O-atom recom- 
binations seem to be too slow to contribute appreciably to the decay. Formation 
of H,O, from 20H radicals is more probable though it is not proved. 
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VI. REACTIONS WITH HYDROCARBONS AND OTHER 
POLYATOMIC MOLECULES 


Though there are scattered publications on several hydrocarbon-oxygen 
atom reactions by various investigators, one series of papers stands out for its 
thoroughness, variety of approach and internal consistency. In this series, 
Cvetanovic and co-workers*-' have dealt with the relative rates of reactions 
of O-atoms with two paraffin hydrocarbons, ten olefins, and one aldehyde. 
They have examined certain olefin reactions (butene-1) by three different 
experimental methods, analyzed all reaction products, measured relative rates 
by letting pairs of reactants compete for O-atoms, and have discussed the results 
in terms of electronic structure. 

The principal experimental method in this work is the mercury-photo- 
sensitized decomposition of N,O*. It was first established that the primary 
step proceeds almost exclusively to N, and O, the latter very likely in its *P 
ground-state. This reaction has the considerable advantage that the evolution 
of N, represents a built-in actinometer and measures the rate of production of 
O-atoms. Experiments were carried out at N,O pressures of 100 to 660 mm Hg 
with addition of a few mm Hg of hydrocarbon and for such lengths of time that 
secondary reactions involving the products could be neglected. An impressive 
array of analytical methods was employed. This included a LeRoy still for 
preliminary separation, copper oxide tube and gas burettes for non-condens- 
ables, gas-liquid chromatography, infrared absorption, and mass spectrometry 
for condensables. 

The principal results for reaction with olefins®.*.%.97 can be summarized 
as follows: The most important reaction is addition of an O-atom to the double 
bond. This produces the expected epoxides and carbonyl compounds. Addition 
takes place preferentially at the less substituted carbon of the double bond and 
very likely produces a bi-radical whose deactivation or intra-molecular re- 
arrangement produces the major products. The observed addition products 
for cis-pentene-2 and their relative yields are shown on page 34. 

The necessary rearrangements are predominantly intra-molecular. This is 
shown by the absence of cross products in the photolysis of mixtures of olefins. 
The above products account for most but not all of the olefin reacted. Two 
further routes are available. 

The first, fragmentation, is closely connected with the formation of the 
initial addition product. If the bi-radical intermediate isomerizes rapidly, the 
resulting epoxide or carbonyl compound will be energy-rich with up to about 
100 kcal mole~? excess energy. Its fate will largely be determined by the balance 
of unimolecular decomposition and collisional deactivation. The correctness 
of this view is shown in two ways: Fragmentation occurs more readily for the 
simpler olefins such as ethylene and propylene whose energetic intermediates 
have fewer effective degrees of freedom and thereby shorter lives; and it is 
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inhibited by high pressure, i.e. conversely, low pressure experiments with dis- 
charged oxygen’™ show extensive decomposition. Moreover, the products of 
this pressure-dependent process are analogous to those of the thermal decom- 
position of the corresponding epoxide or carbonyl compounds. There exist, 
however, some pressure-independent fragmentation processes and these are 


-CH, C,H, 


cis-P-pentene oxide 
0.23 


trans-f-pentene oxide 
0.31 


methyl n-propyl ketone 
0.25 
diethyl ketone 


cis-pentene-2 


C—C—C,H, 2-methyl butanol 
0.21 
O 


thought to be due to the decomposition of the bi-radical before rearrangement 
to an energetic epoxide or carbonyl compound can take place. 

The second additional route for reaction is hydrogen abstraction. This is 
of small importance at room temperature. For this reason, n-butane—where 
abstraction is the only possible initial reaction—reacts several hundred times 
slower than the butenes. 

These results are further strengthened by experiments in which O-atoms are 
produced by NO, photolysis®.**.**. Near the long wavelength limit® of photo- 
oxidation (about 4000 A) where the formation of higher excited states of O is 
ruled out, the photolysis products in the presence of olefins show striking 
similarities to those of the Hg-sensitized decomposition of N,O. For butene-1, 
for example, the same major products, 2-butene oxide and n-butanol, are formed 
in the same ratio by the two methods. This not only strengthens the interpre- 
tation of the results, but represents good evidence that *P O-atoms are indeed 


H 3 H 
H O C,H, 
CH, C,H, —C,Hg, 

a C=C LO O 
H H ~C,H;—C—C,H; 
« 


Reactions of Oxygen Atoms 35 


produced in the Hg-photosensitized decomposition of N,O. Where different 
products are obtained with NO, photolysis at 3600 to 4000 A, this is due to 
the rapid reaction of the expected product with NO, as in the case of isobutene 
photolysis where isobutene oxide reacts with NO, and can not be isolated. 
Both experimental methods were used to measure relative rates of O-atom 
addition to olefins and to some paraffin hydrocarbons with good accuracy. 
Table 6 presents the results. 


TABLE 6. RELATIVE AND ABSOLUTE RATE CONSTANTS 
FOR REACTION A + O(@P) 
T= 295+3°K 


Relative k kx 
Reference 
isobutene l 1. mole sec 


92, 100 

Ethylene 0.038 

Propylene 0.23 

Butene-! 0.24 

cis-butene-2 0.84 

trans-butene-2 1.13 

iso-butene 1.00 

n-pentene-! 

cis-pentene-2 0.90 


Cyclopentene 1.20 
2,3 dimethyl butene-2 4.18 
Butadiene-1! ,3 0.95 
n-butane 0.0017 


3-methyl heptane 0.021 


Acetaldehyde 0.027 


In order to obtain the rate constant listed in column 3, Cvetanovic’? made 
use of the ratio of rate constants for the reactions of O with butene-1 and with 
NO,. It should be borne in mind, therefore, that the relative k’s (column 2) 
are probably more reliable than the corresponding absolute rate constants 
which are based not only on Cvetanovic’s ratio Of Kiytene—1/Ko + Noy but indirectly 
on Ford and Endow’s Ky, xo, hich, in turn, is based on Benson and Ax- 
worthy’s value for ky .o,.., With M=N,. A change in any of these three 
prerequisite quantities will change all of the derived rate constants of column 3 
without affecting their relative values in column 2. Three independent estimates 
are also included in Table 6. The author’s®*® approximate k for O + C,H, is 
low by a factor of three as would be expected, since it covers the disappearance 
of a two to three molar excess of O-atoms and must include subsequent, slower 
steps. Ford and Endow’s’® rate constants for O + n-pentene-1, cis-pentene-2, 
and 3-methyl heptane were obtained by the photolysis of NO, at extremely low 


5.5 100 
19.0 100 
1 4.4 103 

0.0078 92, 100 
0.026 104 
0.090 100 
0.065 105 
0.12 
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concentration and are directly based on Benson and Axworthy’s” Ko, 0, +s 
Elias and Schiff’s'™ k’s for O + ethylene and n-butane were obtained from 
discharge-flow experiments where O-atoms were measured by the air afterglow 
and NO, titrations. The n-butane reaction was carried out over a temperature 
range of —40 to +170°C and gave an energy of activation of 4.2 + 0.3 kcal 
mole, i.e. k = 3.1 = exp (—4.2/RT) 1. mole sec~'. The disagreement of 
this rate constant with Cvetanovic’s is disappointing. These rate constants do 
refer to the initial reaction, since they are obtained by measuring the rate ofchange 
of O-atom concentration and the corresponding change of hydrocarbon con- 
centration, (R). k is then calculated as 
In (R),/(R), 


(Q) dt 
and could be in error only if the hydrocarbon molecules take part in subsequent 
reactions which is unlikely. 

Several studies by Avramenko and Kolesnikova'®~'” deal with the reactions 
of O with methane, ethane, ethylene, propylene, and butadiene-1,3. Electrode 
discharges were used in O, or H,O. It is claimed that discharges in H,O produce 
O-atoms in the absence of O, molecules, whereas those in oxygen produce 
O-O, mixtures. Though the latter is undoubtedly true, the former seems a 
dangerous oversimplification of the complicated products of H,O discharges. 
The authors reach some strange conclusions regarding these reactions. In the 
case of methane, O-atoms are injected into a C—H bond, and one or two atoms 
take part in the same elementary reaction. In the case of ethane, ethanol and 
formaldehyde are claimed to be primary products. In reactions with olefins, 
O-atoms again enter C—H links, and since HCHO and CH,CHO are formed 
in equal amounts, it is claimed that the probability of rupture of single or double 
bonds in propylene is equal. Equally strange is the statement that O tends to 
utilize both valences in abstracting two H atoms. The primary step in the 
reaction with propylene is claimed to be formation of HCHO, CH,CHO, and 
CH,; with ethylene HCHO and CH,. As an explanation of the complicated 
sequence of steps of these processes, the above statements cannot be taken 
seriously. As Jarvie and Cvetanovic’ have shown, the discharge-flow method 
tends to produce more degradation products in reactions of O-atoms with large 
molecules. Nevertheless, their results with (O, + excess He) discharged gases 
reacting with butene-1 are in essential agreement with those from the Hg- 
sensitized decomposition of N,O and from NO, photolysis. And Sato and 
Cvetanovic’s'™ study of the effect of O, on the reaction of O with cis-pentene-2 
leave little doubt that lower aldehydes and alcohols are formed in much later 
stages of the process by reaction of alkyl radicals with O, via RO, and RO 
radicals. It has been shown, moreover, that ozone is produced in the photo- 
oxidation of hydrocarbons by NO,, perhaps also via the RO, radical, and that 
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subsequent ozone reactions may be responsible for some of the lower aldehydes 
and alcohols. 

Cvetanovic™ also investigated the O + acetaldehyde reaction by the Hg- 
sensitized N,O method. By careful analysis of the reaction products and by 
extrapolation to zero pressure of aldehyde it was found that the only initial 
reaction is the abstraction of the aldehydic H-atom. The major steps are 


CH,CHO + O + CH,CO + OH 
CH,CHO + OH -+ CH,CO + H,O 
2CH,CO -+ (CH,CO), 


and they produce biacetyl and water. Competing side reactions of the acetyl 
radical and the accompanying sensitized decomposition of acetaldehyde pro- 
duce the minor products CO, H,, CH,, CH,COCHs, and probably CH,CO. 

These results are again in contradiction to those of Avramenko and 
Lorentso™® who claim the following primary reactions: 


CH,COOH 


CH,CHO + O-- CO, + CH, + H 


HCO + HCHO + H. 


None of these steps appears reasonable. 

Through competitive rate experiments with ethylene, Cvetanovic determined 
the relative rate constant which is listed in Table 6. It should be compared with 
the two paraffin hydrocarbons which also react by H-abstraction. The effect of 
the carbonyl group in facilitating this attack is seen to produce a 16-fold rate 
increase of acetaldehyde over n-butane and would produce a considerably 
larger increase over ethane. 
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INTRODUCTION 


Direct determination of rate constants for elementary reactions involving 
atoms and free radicals is of great importance in studies of complex chemical 
transformations in the gas phase. 

The number of works devoted to measurements of radical reaction rate 
constants and corresponding temperature coefficients is very large (see for 
references Steacie', Semenov*). However, as a rule, experiments were carried 
out at relatively low temperatures (20°-300°C). Thus, strictly speaking, the 
results obtained cannot be used unambiguously in investigations on the mecha- 
nism of complex processes in the gas phase. The present work is concerned 
with direct determination of rate constants in the course of complex chemical 
reactions. It also contains certain considerations as to possible extrapolation 
to the high temperature range. 


I. DETERMINATION OF RATE CONSTANTS FROM 
EXPLOSION LIMIT CONDITIONS 
More reliable determination of basic elementary radical reactions respons- 
ible for the explosion peninsula at low temperatures and pressures (Fig. 1) was 
made possible due to thorough studies of the hydrogen oxidation mechanism 
(Semenov*, Lewis, v.Elbe*, Nalbandyan, Voevodsky*, Kondratiev’). 
In the high temperature range above 7,, where P, < P,, the following 
approximate formula will be valid (see Nalbandyan, Voevodsky,*)t 


2ke 


(1) 


where k,, ky, and k, are constants for: 
elementary chain branching processes 


H + 0,--OH +0 


heterogeneous chain termination 
wall 


+ With lean mixtures at > fa, < 0.5 the chain termination process involving OH 


wall 
OH —> }H,0 + 40, 


should be allowed for in the equation for explosion limits. 
43 


ke 

and 

2kefo, 
[2] 
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and homogeneous chain termination 
H+0,+ M-—-HO, + M [6] 


and f/f. = P,,/P is the oxygen molar fraction of the mixture. 

(1) and (2) contain only constants of processes diminishing or raising the 
number of active centres. Chain propagation reactions involving no changes 
in the number of free valencies 


OH + H,--H,O +H (1] 


O OH + H 


are not included in these equations. 


Fic. 1. Explosion range of oxygen hydrogen mixtures. 


Correlation of (1) and (2) with experimental results permits estimation of 
rate constant ratios only. However, as will be shown later, by taking these 
equations as a basis it will be possible to approach determination of absolute 
rate constants and corresponding activation energies. 

Indeed, the k, value included in (1) is related to a termolecular process. 
The activation energy of this process obviously cannot be considerable. Thus 
in measuring the temperature dependence of P,, the corresponding temperature 
coefficient 

d 
E,, = RT — InP, 
dT 
was considered to be approximately equal to the activation energy, E,, of 
process [2]. 


. 
Pe: 
(3) 
. 
P, 
Te 
4 
— 
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Though, according to (1), P, ought to be unambiguously determined by the 
mixture temperature and composition, results of P, measurements made by 
different authors are at great variance. The reason for this is that P, is signifi- 
cantly affected by small amounts of water formed in the reaction due to the high 
efficiency of H,O molecules, acting as third particles in reaction [6]. By taking 
special precautions to avoid the formation of appreciable amounts of water, 
such as reduction of the admission time (v.Elbe, Lewis*), limit measurements 
in flow conditions (Voevodsky, Talrose’), etc., it was possible to plot a repro- 
ducible second limit curve. Experimental points obtained by all other authors 
appeared to fall below this curve. The following value was obtained from the 
temperature dependence of this curve 


Ev 18 T kcal mole" 


On the other hand, the temperature dependence of k,/k, may also be obtained 
from P, for different vessels, at varying mixture compositions (Voevodsky’). 
The £,,; value obtained was in agreement with that estimated from P,. Thus it 
appears that 

E, = 17 + | keal mole 
assuming that E, = 0. Since £, values are insufficient for determining numerical 
values of k,, the latter were estimated from lower limit data by means of (2). 

Two ranges were established for chain carrier destruction at the vessel wall 
(reaction [4]) (Lewis, v.Elbe*, Semenov®). If the destruction efficiency, i.e. the 
probability of chain termination at the wall via atomic hydrogen, ¢,,, is lower 
than 10-*-10-*, this process will not interfere with homogeneous distribution 
of atoms throughout the volume, and 

ky=a sec 

d 

Hence 

= mm Hg (2a) 

2k, dfo, 

Here a denotes the numerical factor dependent upon the vessel shape, Vy, the 
thermal motion velocity of hydrogen atoms, k the Boltzmann constant, T the 
absolute temperature. 

With high e, values (5 x 10-* < ey < 1) the rate of heterogeneous chain 
termination (with homogeneous initiation) will be limited by diffusion. The 
distribution of atoms will consequently be of a parabolic nature, and k, will be 
determined by 


Hence 


D 
k, = b—sec™ 
# 
P, a mm Hg (2b) 
fo, 2ke 
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(D is the diffusion coefficient of hydrogen atoms and b the vessel shape coeffi- 
cient). 

a and 6 values for systems at the explosion limit in conventional vessels are 
summarized in Table 1.t 

The diffusion coefficient, D, may be determined with fair precision, the 
error in evaluation of its temperature dependence not exceeding that in estima- 
tion of E from kinetic results. Consequently (2b) permits direct determination 
of k,. The expression for k, (Nalbandyan and Voevodsky*) 


ky = 26 x 10° 4/T exp (—18000/RT) |. mole~sec™ 
was obtained from P, exactly in this way. E, =~ 18 kcal mole is in good 


agreement with the value obtained from P, and P.. 


TABLE | 


Vessel shape 


Plane parallel 
Cylindrical 
Spherical 


Estimation of k, can also be made through precise measurements of reaction 
kinetics within the explosion peninsula. To avoid overheating, experimental 
pressures were only slightly above P,. In accordance with the chain branching 
theory (Semenov'®), under these conditions 


AP = Ae* (3) 


where 


2ky(O,) — ky 2k(0,)(1 =) (4) 


First experiments of this kind were carried out by Kovalsky as far back as 
1933". The value of E, derived by Semenov" from the results of these experi- 
ments was also 18 kcal mole. 

By using a more precise technique for measuring y, Semenov, Nalbandyan, 
and Karmilova™ obtained the expression 


ky = 5-6 10 exp (—15-1/RT) 1. mole“ k,(2) 


Though these authors believe the error in their measurements to be but 
slight, the obtained value of 


E, = 15-1 + 0-2 kcal mole E(2) 
seems to be somewhat underestimated. 


+ In the absence of branching 6 coefficients are somewhat higher (12, 32, and 60 for the 
three cases given in Table 1 (Semenov’®)). 


— 

d b 
0-5 9-9 
a 1-0 23-2 
1-5 39-9 

a>; 
= 
a 
pal’ 
+ 
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Indeed, obtaining the heat of [2] from available data on O, and OH bond 
dissociation energies (Barrow™), we get 


E, > |Q2| = Do, — Don = 16°5 + 0-5 kcal mole E,{3) 
Thus, the £, value obtained by Semenov et al. should be by at least 1 kcal mole" 
higher. 
In recent investigations on the effect of hydrogen additions on the lower 
limit shift, in the case of a CO + O, mixture, Azatyan obtained the expression 


k, = 96 x 10! exp [—(16-2 + 0-2)/RT]1. mole sec (3) 


(see Section 3 of this paper). 

As will be seen from Section 4, the activation energy of reaction [2] should 
be close to the endothermic effect value and consequently the expression 
k3) seems to be reasonable. Besides, absolute k, values calculated by 
k2) and k,(3) are practically equal in the temperature range studied, 
whilst those estimated from k,(1) are only 4-5 times lower. This seems to 
justify the application of k,(3) in subsequent calculations.t 

The value of 

kstoich — 4-3 x 10°12 mole*sec* =k, (1) 

was obtained from the most probable k, value by means of (1) and of the tem- 
perature dependence of P, and P,. This value is given here, as k, is known to 
depend essentially on the mixture composition (Lewis, v.Elbe*) due to different 
efficiency of various molecules in stabilizing the HO, complex formed by 
interaction of H with O,. If the M molecule involves three or more atoms, the 
k, value will be considerably higher than the gas kinetic number of triple 
collisions. For instance, as follows from a special set of experiments (Voevod- 
sky, Talrose’), this value is five times higher than for H,O molecules. Apparently 
in this case triple collisions occur not through formation of the HO, complex 
with subsequent stabilization, but through the H,O complex. Collision of the 
latter with O, would lead to formation of stabilized HO,. The five-fold increase 
in k, may be explained under the assumption that the lifetime of the H,O 
complex is 5 x 10~™ sec (instead of the conventional elastic collision value of 
~ 10-"). 

Analysis of the reliability of k, values given above would obviously require 
comparison with results obtained by other authors using different methods. 
Baldwin and Walsh" report a value of 10'° 1.2 mole? sec at 520°C, for the case 
of M = H,,. This is very near to k,(1), especially taking into account that 
k, must be slightly higher than ks". The values given by v.Elbe and Lewis*® 
are underestimated approximately by a factor of 10°, as these authors use a k, 
value which is too low. 

+ For this reason the constant values mentioned hereafter will slightly differ from those 
reported before as estimated from &,(1). A certain increase in Ey compared to E&, is 


apparently caused by an insignificant drop in k, with temperature due to the 7-™ dependence 
of the pre-exponential factor (see Glasstone, Laidler, Eyring"’). 


. 
l 
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Correlation of k,(1) with results obtained at room temperature is con- 
siderably less satisfactory. Thus, Farkas and Sachsse’’, for instance, give a 
value about 100 times lower than k,(1). The value obtained by Burgess and 
Robb"® in investigating the photochemical reaction H, + O, is kg = 10" 1.? 
mole~ sec. These authors do not compare their results with those obtained 
by Farkas and Sachsse’’ at similar temperatures and consequently do not 
attempt to find out the reason of this discrepancy. Hoare and Walsh'® try to 
explain the difference between the results of Burgess and Robb and Baldwin 
and Walsh under the assumption that the activation energy of [6] has a negative 
value of the order of 4 kcal mole'. This does not seem to be fully justified, 
since from comparison of EF, and E;, 


< 2 kcal mole! 


All the above seems to warrant the conclusion that &,(1) is in good 
agreement with available data over a temperature range of 450-650°C, and 
that within this range k, depends upon temperature but slightly. 

€, Values and their temperature dependence may be estimated by means of 
(2a) from k, and P, in vessels pretreated with substances hindering hydrogen 
recombination. Measurements and estimates of this kind were carried out in 
1940-1950. An elegant method proposed by Nalbandyan and Shubina*® will be 
noted. A coaxial rod coated with the substance studied is introduced into a 
cylindrical vessel, thus raising the lower limit. The rod surface e, value obtained 
by means of a corresponding diffusion equation will be 
(5) 


ey 


4 X2) — 1 
3 


) 4 j 
Ny(X%q) — Py ky 
where yo, ¥;, No, N, are Bessel functions of the first and second kind, of zero and 
first order 
VolX,) 


[ke 
2% Dy 


/ k 2 Pid 
Nof 


Here P, denotes the lower limit pressure in the presence of the rod; A, and D, 
are the mean free path, and the diffusion coefficient for hydrogen atoms, at an 
overall pressure of | mm Hg; d and A are the vessel and rod diameters; ¢, is 
the coefficient for recombination of H atoms at the vessel wall. 

€}; values summarized in Table 2 were obtained by measuring P, at different 
vessel coatings. 

The ‘activation energy’ for the H atom recombination efficiency was derived 
from results obtained at different temperatures. For the majority of substances 
shown in Table 2 

E, =~ 9 kcal mole! 
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For an iron rod 
E, = 13 kcal mole" 


éy and £, values obtained both by the rod method and from P, measure- 
ments in differently treated vessels gave a good fit. Their extrapolation to lower 
temperatures led to values in keeping with direct measurements of hydrogen 
atom recombination generated by means of a discharge tube on different 
surfaces (Smith**, Lavrovskaya, Voevodsky™). 


ZnO Cr,O, 

Graphite 

Gold 

Platinum 

Tungsten 

Alloyed steel 

Quartz 

Quartz pretreated with HI 
Quartz d with K,B,O 


Il. DETERMINATION OF RATE CONSTANTS FOR THE 
INTERACTION OF HYDROGEN ATOMS WITH HYDROCARBONS 
FROM THE SHIFT OF EXPLOSION LIMITS 


The considerations and results discussed above led the authors to the con- 
clusion that explosion reactions provide a means for the determination of rate 
constants of reactions of H atoms and other radicals with molecules of additives 
causing a shift in explosion limits. This method may prove to be very effective 
for two reasons. First it permits determination of rate constants in the tempera- 
ture range of thermal homogeneous gas reactions. Second it requires no 
measurements of reacting radical concentrations. t 

The effect of hydrocarbons on P; and P, explosion limit shifts was studied 
most extensively. Corresponding investigations were begun some ten years ago 
almost simultaneously in England (Baldwin, Corney, Precious™), U.S.A. 
(Levy™), and U.S.S.R. (Tikhomirova, Tikhomirova, Voevodsky™). 


A. The Upper Limit 


Taking reactions [1]-(6] as a basis, Baldwin et a/.** conducted a thorough 
analysis of the P, shift in the presence of ethane and propane. However, they 


+ Results obtained with B,O, coated vessels will not be considered here. A number of 
kinetic laws characteristic of hydrogen oxidation at conventional coatings are not fulfilled in 
this case. Voevodsky™ suggested that this me ay be accounted for by assi iming the occurrence 
of heterogeneous branching on the B,O, coated surface. Since the q uestion is by no means 
answered yet, results obtained with B, 2O, coatings cannot be used in estimation of elementary 
reaction rate constants. 


TABLE 2 
Rod rc H 
490 1-0 
490 10 
440 0-1 
388 0-09 
540 6x 10° 
440 3 
440 8 x 
440 3x 10° 
440 2 10-* 
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aimed only at correlation of the observed effect with various reaction mecha- 
nisms, and did not attempt calculation of elementary rate constants. Neither 
was it done in the works of Levy®. Tikhomirova and Voevodsky™ extended 
their investigations to numerical values of rate constants and activation energies. 
This was possible only after estimation of k, values had been made. 

A shift in the second limit towards high temperatures and low pressures, 
taking place on hydrocarbon additions, is accounted for by the occurrence of a 
new elementary step 

H+ RH-H,+R [7] 

As a result of this process the active H radical capable of undergoing the 


branching reaction [2] is replaced by a considerably less active radical. A 
reaction similar to [7] 


at hydrogen oxidation temperatures (450-600°C) would be impossible with this 


radical, in view of the high endothermic effect. The most probable R reaction 
would be the formation of a peroxide radical 


R + O,-— RO, 
or transfer of hydrogen to the oxygen molecule 
R + O, — olefin + HO, 


[he two reactions lead to formation of radicals incapable of participating in 
chain propagation. 

Thus [7] appears to be a new chain termination step occurring upon addition 
of hydrocarbons. By making allowance for [7], equation (1) will be rewritten as 


P, [RH] 


(7) 
P,” 2k, [O,] 


where P, and P,° are second limit pressures in the presence of (RH), and at 
(RH) = O; k, and k, are rate constants of corresponding elementary reactions. 

Reproducible results of P, measurements were obtained by Tikhomirova™ 
due to precautions taken against the effect of water on the second limit. Figure 2 
shows illustrative data obtained with 4H, + O, mixtures to which different 
amounts of ethane have been added. As shown in this paper, equation (7) is 
satisfied within a temperature range from 500 to 600°C, at various additions 
(0-1 to 0-5 per cent) of ethane, propane, isobutane, ethylene, and propene. By 
determining values of k,/2k, at different temperatures and comparing them 
with the expression for k,, this author has calculated the pre-exponential factor, 
k,°, and F, values for all hydrocarbons mentioned above. 


4 
— 
R+0O,-RO+O 
2 
% 
be 
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As experiments were carried out not only with 4H, + O,, but also with 
H, + 90,, it was shown that (7) was satisfied with hydrogen-deficient mixtures 
as well. It will be noted, however, that k,/2k, measured in lean mixtures was 
somewhat higher (by a factor of 3-4 with saturated hydrocarbons and 1-5 with 
olefines). This effect may be accounted for by reaction 


OH + RH-+H,O +R [8] 


caused by a rise in the (OH)/(H) ratio for lean mixtures. 


600 650 700 
Fic. 2. Shift of the second explosion limit for a mixture of 4H, ~ O, in the presence of 
ethane additions. 
}—explosion limit for a mixture of 4H, + O, 
@—explosion limit for a mixture of 4H, + O, + 03° C,H, 
—explosion limit for a mixture of 4H, + O, + 05° C,H, 
—explosion limit for a mixture of 4H, + O, + 0-7% C,H, 


Indeed, the introduction of [8] into the reaction mechanism leads to replace- 
ment of (7) by 
) 
2 k,\H,/4(O,) 
In work of Baldwin and Simmons” discussed later, reaction [8] was shown 
to be equivalent, from the kinetic standpoint, to 


(8) 


O+RH--OH+R [9] 
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and consequently there is a priori no reason to eliminate (9) from discussion. t 
The ultimate expression for the second limit in the presence of hydrocarbons 
may be written as 
P,° \2k 2ksJ(H,)! (H,) 
Changes in (O,)/(H,) in Tikhomirova’s experiments attained a factor of 36, 
whilst the resulting change in A was equal to several units only (see above). 


TABLE 3 


Hydrocarbon k,° 1. mole sec™! E, kcal mole™! 


C,H, 5-8 x 10" 14+1 
C;H, 36 x 10*° 83+1 
iso-C,Hj 93 x 10° 56+ 1 
2-8 x 10° lit! 
1-8 = 10° 66+ 1 


+ k, values for iso-C,H,, were calculated for lean mixtures, cor- 
rection being made on the basis of results obtained for propane (see 
below). 


Consequently, (7) is reliable with good precision for rich mixtures, and k, 
values, estimated for mixtures containing 80 per cent of Hyg, are true. These 
values for various hydrocarbons are summarized in Table 3 (correction being 
made for more precise k, determination). 

The feasibility of these values may be confirmed by the fact that £, for 
propene actually appeared to be very low, as would be expected from bond 
energy values. The relatively high E, value for reaction H + C,H, shows that 
[7] is an H atom abstraction in this case as well 


H + C,H, — H, + C,H; [7] 


(In accordance with qualitative data (see Steacie’) the activation energy for this 
process is ~10 kcal mole 1). The addition reaction between the H atom and 
ethylene (Melville, Robb**) involves E ~ 1-2 kcal mole and a pre-exponential 
factor somewhat lower than that in [7]. At high temperatures the rate constant 
of the addition reaction is slightly lower than k, estimated from the limit shift. 

Formula (9) should be used for lean mixtures. Estimation from results given 
by Tikhomirova shows that the ratio 


q= + a2) | (2) (10) 


+ Though [9] does not lead to complete chain termination, it diminishes the number of 
free valencies by unity, and the corresponding correction in (7) will be similar to that resulting 
from [8]. 
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remains approximately constant with every additive studied in the whole tem- 
perature range investigated. For C,H, it is ~ 0-3, for C,H, ~ 0-46, for C,H, 
0-076, and for C,H, ~ 0-058.¢ From available data on activation energies for 
elementary processes in the case of ethane (see Steacie’, Semenov*) we gett 


E; E, — Fs) 10 + 14 — 5:5 — 16°5 
> exp exp |— 

kik, RT 

whilst 

ex (=2 + E, — E, — 
kk, RT 
Thus, taking into account possible errors in evaluation of £, both ratios may 
indeed be considered to remain practically independent of changes in tempera- 
ture over the studied temperature range. 

Terms involving k, and k, cannot be estimated independently of these data, 
as well as from those for the first limit considered hereafter. It might only be 
stated that the activation energies reported in the literature are near to true 
values. Estimation of pre-exponential factors shows that, in the case of alkanes, 
steric factors for all elementary processes playing an essential part in (9) are 
close to unity. The small g value in the case of olefines is evidence of possible 
deviations. 


RT 


(124 14—7— exp 


~ exp 


B. The Lower Limit 

The effect of hydrocarbons on the shift of P, was also utilized for determina- 
tion of elementary constants. Baldwin and Simmons” have published a series 
of papers concerning this technique. However, they again attempted only 
correlation of kinetic laws with reaction mechanisms. 

The work of Gorban and Nalbandyan*® carried out recently was aimed at 
estimation of rate constants for reactions of atomic hydrogen with ethane, 
propane, and butane, from the P, shift. Experiments were carried out with a 
stoichiometric mixture of 2H, + O,. As shown above, with pretreated vessels 
of low ey it was possible to neglect reactions [8] and [9] 

AP, _ _ _ ky Pan (11) 


P, P; 


where P is the limit shift brought about by RH. 

By measuring the P, value for a clean mixture and for mixtures with additions 
of 0-6, 0-4, and 0-2 per cent of C,H,, CsH,, and C,H,» respectively, and making 

+ A certain increase in g at high temperatures (above 560°C) in the case of ethane is due 
to the well known fact that subsequent HO, reactions will occur at these temperatures and 
high pressures. If these reactions are taken into account there will be no change in the calculated 
q value. 

+ The activation energy for [3] (O + H, -- OH + H) was obtained from results discussed 
in the next section. 
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use of k,(2), the authors found k, and E, values for the substances studied. 
The obtained results are summarized in Table 4. A minor correction allows 
for the substitution of k,(3) for k,(2). 

Thus there is a good fit between results obtained by two completely inde- 
pendent methods (Tables 3 and 4). 

The results of Baldwin and Simmons” will be mentioned here for comparison. 
These authors investigated the limit in the diffusion range of reaction [4]. 
the temperature was constant (540°C), the variable of the experiment was the 
mixture composition (oxygen was partly replaced by hydrogen and nitrogen). 


TABLE 4 


C,H, 4-2 10"! 13-1 4 ey 
C,H, 7-8 10%” 96 +1 


iso-C 16 71+ 


Consequently, these results may be used for verification of lean mixture calcula- 
tions discussed above (Section 2a). 

Making allowance for [7], [8] and [9], the boundary condition for the 
diffusion range of [4] will be written as 


P,’\* q [RH] 
(2) =1 +4 (12) 


where P, and P, are limit pressures for mixtures without additions, and at an 
addition equal to [RH], respectively, whilst g has the same sense as that adopted 
in analysis of P, against [RH] (see eq. 10) 

Plots for 1/P,? as a function of P_,/P, at different values of Sx, Were 
given by Baldwin and Simmons. From analysis of these data by means of (12), 
which seems to be somewhat less complicated and more illustrative, though 
perhaps not so accurate as the formula derived by these authors, we get 


(a) At fy, = 0-28 
k,/2k, = 31 and gq = 9°18 


(b) At fo. = 0-14 only approximate estimation of the value 


= 


was possible, in view of the large error involved. 


= 0-56 


) At fo. 
k,/2k, = 30 and gq = 0:22 

Neglecting minor details of the mechanism that explain perhaps (as attempted 

by Baldwin and Simmons) the small discrepancies observed, we may come 


ag 
— 

1‘ 
; 


Determination of Rate Constants for Elementary Steps in Branched Chain Reactions 55 


to the conclusion that for ethane at 540°C (the temperature of Baldwin and 
Simmons’ experiments) 


k,/2k, = 30 + landg = 0-2 + 0-02 


The latter value is independent of temperature and may be compared directly 
with the value of g = 0-3 obtained from second limit data. The value of k, 
at 540°C may be estimated from k,/2k, by means of k,(3). It appears to be 
2:4 x 10°1. mole“! sec. Calculation from k,° and E, values summarized in 
Table 4 gives a value of 1-2 « 1. mole~ sec". 


x 4 5 . 700 800 
T, 
Fic. 3. Rate constant of reaction H + C,H, - H, + C,H, as a function of temperature. 
(a) According to Berlie and LeRoy* 
(b) According to Gorban and Nalbandyan*® 


All the above shows that k, values obtained from data on P, and P, shifts 
at low and high ¢, are in good agreement. This is believed to be sound proof 
of their reliability. 

Let us try to correlate k, values with data obtained in investigations on 
reaction rates of H atoms generated both photochemically and under electric 
discharge. As stated above, these experiments are usually carried out at lower 
temperatures (from 20 to 300°C). According to Steacie' the most reliable 
constant for the reaction H + C,H, —» H, + C,H, is that obtained by Berlie 
and LeRoy*® 


= 3-4 x 10° exp (—6-8/RT) 1. mole 


Figure 3 shows plots of k, values estimated from this formula (a) and from 
k,° and E, constants summarized in Table 48. Full lines correspond to tempera- 
ture ranges used in measurements, dotted lines represent extrapolation. Despite 
appreciable differences in activation energies and pre-exponential factors the 
values for constants over the range of 400-900°K differ by not more than a 
factor of 10-15. 

As seen from analysis in the work of Berlie and LeRoy, these authors did 
not take into account the high hydrogen atom concentration gradient near the 
radical detector. The latter acts as a diffusion pump for these atoms. Under 
certain conditions the value considered by them as the product k,[C,H,] will be 


“a _ 
'- at 
= 
| a “ 
4 
4 
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represented by the expression V,V k,[C,H,]/D (where V, is the flow velocity, 
D is the H atom diffusion coefficient). Any intermediate case is possible at a 
different value of the dimensionless parameter k,[C,H,]D/V,?. Thus the E, 
value estimated from the same data, may lie within 


6800 < E, < 13,600 


Since V, and D values were not given, precise calculation of E, cannot be made. 
It will be noted, however, that changes in E, throughout the abovementioned 
range do not lead to considerable alteration of k, values and the corresponding 
curve would come still nearer to (b) (Fig. 3). 

Thus there seems to be no essential difference between k, values estimated 
at different temperatures. 


RATE CONSTANTS OF REACTIONS INVOLVING 
OXYGEN ATOMS 


Ill. 


The determination of rate constants for interaction between hydrogen atoms 
and various molecules was possible only because hydrogen atoms are the rate- 
controlling radicals in the H, + O, chain reaction. For the same reason (see 
Nalbandyan, Voevodsky* 


{[H] > [OH] and [O] (13) 


Estimation of rate constants for hydroxyl and oxygen atom reactions from 
explosion limit shifts was considerably less precise due to the fact that condition 
(13) holds even at a 10 per cent content of H,. The attempt to determine OH 
and O reaction rate constants from the limit shift caused by RH was also a 
failure (see above). 

Excess of OH and O over H may be obtained with lean mixtures, but 
determination of constants will be hindered by the complicated explosion 
mechanism, in particular by the wall effect. 

Thus, determination of reaction rate constants from the explosion limit 
position and shift would require that the radical studied be involved in the step 
controlling the rate of branching. 

Reliable data on the explosion mechanism are available only for one more 
reaction, namely for carbon monoxide oxidation in the presence of small 
amounts of hydrogen, water, or other hydrogen-containing molecules. Virtually, 
chain branching responsible for increase in free valencies will occur by the 
same reaction as in hydrogen oxidation 


H+0,+OH+0 [2] 


However, at small H,, H,O, or RH additions, oxygen atoms do not lead to 
regeneration of active chain radicals (for instance, H atoms or OH radicals). 
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Main reactions involving O atoms are: 
10, [5] 
O+CO+M--CO,+ M [10] 
0+0,+M—+0,+M [11] 


These reactions lead to disappearance of free valencies. Reaction [2] will 
actually be a branching step only in the relatively rare case when the O atom 


oH 


oH 


OH 


($0,,C0,,0,) 


4 
(b) 


Fic. 4. (a) Scheme of a completely branched chain reaction (H, + O,) 
(b) Scheme of a chain reaction with eventual branchings (CO + O, H,) 


succeeds in reacting with the additive before entering into reactions [5], [10], 
{11}, as, for instance, with the hydrogen addition 


O+H,--OH+H [3] 


Thus a long chain, H—-OH-»H-+OH with eventual branchings by 
reaction [3] (Fig. 4b) will take place in the CO + O, + H, system, instead of 
the completely branched chain observed in H, + O, mixtures (Fig. 4a). The 
branching efficiency will obviously be determined here not by competition of 
[2] with the H atom termination reaction, but by the relationship between rates 
of [3] and [5], [10] and [11] under experimental conditions. 


oH OH oH 
4 4 
4 4 ‘4 
’ 4 4 4 4 
O OH 0 H 
| ‘ 4 4 
H OH H H OH O OH 4H 
(a) 
0 
4 
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The conventional limit equation gives P, as a function of 


k values may be obtained from correlation of this theoretical dependence with 
experimental results, as in the determination of k, from P, in H, + O, mixtures. 
Precise determination of k, is of importance, as no reliable data on its magnitude 
and temperature dependence are available. t 

As shown by Azatyan, Voevodsky, and Nalbandyan™, the equation for P, 
in mixtures of CO + O, in the presence of small amounts of H, at high e, may 
be written as 


(14) 


This equation was obtained by analysis of the overall oxidation scheme, under 


the assumption that 
» ky{[CO][M] + ky,[O,}[M] (15) 


It holds for vessels pretreated with MgO, since in this case the probability of H 
atom recombination is high and k, corresponds to the diffusion range. ¢, will 
also be high and consequently k, will also be within the diffusion range. Hence 
(14) may be rewritten as 


k 


k, Pu,P 


(Here k,° and k,° are the values of heterogeneous recombination constants in 
the diffusion range, at an overall pressure of | mm Hg). The linearity of the 
plot (PoP) vs. (Py,P)* and the agreement between (A s°/2Ka)exp Values and 
those calculated theoretically from k,° and k, provide confirmation for the 
assumptions made.+ 
By making measurements at various P,, and different temperatures the 
authors have found that : 
k, = 9 10” exp | +08 |. mole~* sec™! 
RT 
Since CO combustion is enhanced not only by hydrogen, but also by other 
hydrogen-containing molecules, it was of interest to extend this method to 
determination of rate constants for other reactions involving oxygen atoms. 


+ The results of Harteck and Kopsch™ are unreliable, as the choice of E, = 6 kcal mole" 
was not sufficiently justified. From tentative analysis of CO + H, + O, oxidation attempted 
by Dixon-Lewis and Linnett** £ E,, 8:1 kcal mole~*. On the basis of E,, ~ 0-6 kcal 
(Benson, Axworthy*) it would be E, ~ 7-5 kcal mole~'. However, as too many assumptions 
were made, this value cannot be considered as unambiguous 

+ It will be noted that the most probable &,(3) expression was found exactly from these 
results. 
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Similar treatment in the case of water addition gives 


ky? 
Kis Pu.oP 


where k,, is the reaction rate constant 


O + H,O 20H 
As follows from preliminary results of Azatyan 
Ey, = 18 + 0-2 kcal mole 


This value is in good agreement with the endothermic reaction effect of [12] 
equal to 16-5 kcal mole~!- 

Determination of rate constants for reactions between oxygen atoms and 
hydrocarbons would be more cumbersome because of the double part played 
by these reactions in the combustion mechanism. 

Indeed, reaction 

O+ RH-—OH +R 


leads to acceleration in the same way as reactions [3] and [12] on addition of 
hydrogen and water, i.e. the ‘perishing’ oxygen atom is replaced by an active 
radical, hydroxyl, which causes reduction of P,. 

On the other hand reactions 


H + [7] 
OH + RH+H,O +R [8] 


inhibit explosion, similarly to hydrogen oxidation. Accordingly, the limit 
equation cannot be written in the same simple form as that valid for the case 
of H, and H,O additions. It will be noted, however, that in contrast to equa- 
tions of Section 2, k, and k, can be readily distinguished by their opposite 
effects. Thus there is every reason to believe that this is the right way for deter- 
mining these values, and for consequent verification of conclusions made in 


Section 2. 


IV. THE TEMPERATURE DEPENDENCE OF RATE 
CONSTANTS FOR EXCHANGE REACTIONS 
In accordance with the Arrhenius law, rate constants are usually expressed by 
k = Aexp(—E/RT) (18) 


where A and E are empirical constants. On the other hand, the theoretical 
constant value is 
k = Ag f(T) exp (—E,/RT) (19) 
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Here E£, denotes the difference between zero energies of the activated complex 
and of initial molecules participating in the given reaction. On the gas kinetic 
theory the f(7) function for bimolecular reactions is 4/7. On the theory of 
absolute rates it is much more complex, since the rate constant of a bimolecular 
reaction + Y is expressed by 

where 7 is the transmission coefficient, f*, fy, and fy are partition functions. 

By taking f(7) as 


exp (—E,/RT) (20) 


f(T) = b exp (—a/RT) (21) 
(19) may be reduced to the Arrhenius equation (18), which is obviously possible 
only within a certain temperature range AT. Denoting by 7, the mean tempera- 
ture, represented by the point of intersection of f(7) and b exp (—a/RT) curves, 
we obtain expressions a and / under tangency conditions 


d In, 


a RTS b exp | T 


Substituting these expressions into (21) we get 


f(T) = f(T) exp | (1 | 
Te a 


Consequently 7 
A, f( Tp) exp (23) 
0 0 dT -~ 
and 


E = + 22) (24) 


For a simple case, when the rate constant is represented by a formula derived 
from the kinetic theory, i.e. when f(T) = 1/T, (23) and (24) will be rewritten as 


A= A, (25) 
and 
(26) 
In this case 
kay [exp (2 
Kas) e 
Hence at 7, 1000°K, and 300°K 700° K), and assuming that 


Ty) = 515°Kt 


(<a» (<a» 
Kes) T max Kes) T min 
? 7, 515°K is obtained from the condition 
Kum) (Kus 


1000°R 300°K 


4 
Ge 
3 
(22) 
7 
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i.e. the error when making use of (18) will not exceed 10 per cent over the whole 
temperature range. t 
Let us now estimate the error connected with the use of (18) for the case 
when the reaction rate is expressed by (20). For reaction A + BC = AB + C 
(A, B, C being atoms), and for a linear structure of the A... B...C activated 
complex we obtain from (20) 
exp | 
exp (— (27) 
kT 
where vp is the vibrational frequency of the BC molecule, and »,* are vibra- 
tional frequencies of the A...B...C complex. At a triangular complex 
structure 


exp 
; exp | (28) 
hy RT 
Il [ exp 
kT 

Since v,- and v;* values may differ by a factor of several units, there can 
be no general solution of the problem that would be valid for any temperature 
range. Besides, frequencies may be obtained only by calculation, starting from 
a definite concept of the probable complex structure. Thus a solution obtained 
by the transition state method is possible only for certain reactions involving 
known »,* values. 

A reaction of this kind would be H+ HD=H,+D. According to 
Glasstone, Laidler and Eyring” corresponding H ...H . . . D linearcomplex fre- 
quencies are: v,* = 3100 cm~ (linear symmetrical vibrations) and »,* = 620 
cm~ (bending vibrations). Substituting these values, together with that for the 
HD molecular vibrational frequency » = 3627 cm", into formula 


hvygo 


(29) 


- exp 


we obtain (300) = 0-064 and /(1000) = 0-092 (for 300° and 1000°K, respec- 
tively), ie. (1000): f(300) = 1-4. 


t It will be noted that other power functions, 7", may also be transformed in this way, in 


accordance with the law 
aR Te) 


RT 


the error being very low. This is the reason of a certain “negative activation energy’ |E,| = mRT, 
observed in the termolecular reaction [6] due to the k, ~ T-™ dependence*’ (see above, footnote 


to page 6). 


- ~ exp | 
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In order to pass from the theoretical formula (19) to (18) it will be necessary 
to determine a and / constants, expressing the value of (7) by means of (24). 
Dividing (23) by the constant obtained from (21) and (19) 


Kas) exp [—(E, a)/RT] (30) 
we get 
Kas) fT) ev RT 


Kas) b 


| k 

Hence, from ol = ust] we obtain a = 0:31 kcal mole~!. It will 
1000 300 

be noted that a << Ey, where E, is the activation energy of the reaction studied 


dl 
equal to about 8 kcal mole’. From formula a = RT,? an J and (29) we 
dT 


get b = 0-089 (7, = 540°K). From a and b 


i.e. if (18) is used under the assumption that A = A, 0-089 and E = (E, + 0-31) 
kcal mole~', the error will amount to 20 per cent. 

The obtained result is in good agreement with experiment. Over the tempera- 
ture range from room to 1000°K the experimental rate constant of reaction 
H + H, = H, + H, which is like the reaction discussed above, will be ex- 
pressed by a formula similar to (18) (Trotman-Dickenson®) 


k = exp (—7500/RT) |. mole 
According to Ashmore and Chanmugam” the rate constant of reaction 
Cl -- H, = HCl + H within the same temperature range will be expressed by 
k = 10'°* exp (—5500/RT) |. mole~! 
In this case frequency values of the 


H 


activated complexes will be obtained with less precision. By making use of 
results on the linear and triangular complexes (Bigeleisen, Wolfsberg*’) »,* 
1460 »,* = 200 and = 1002 »,* = 200 respectively, 
we obtain following /(7) values for 300 and 1000°K: /(300) = 0-153; f(1000) 
0-572 (linear complex), and (300) = 1-64, f(1000) = 5-27 (triangular complex). 

For the linear complex we obtain in the same way: a = 1-12 kcal mole! 
and b = 0-74 (at T, = 520°K). Consequently 


= Ay 0-74 exp [—(E, + 1120)/RT] 
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As follows from comparison with the empirical formula (18), A = 0-74 
10"°* 1. mole sec~), and E = E, + 1-12 (= 5-5 kcal mole~*). 

The maximum error of this formula at maximum (1000) and minimum 
(300°K) temperatures amounts to 35 per cent. 

The reaction Br + H, = HBr + H was also studied over a broad tempera- 
ture range (from 440 to 470°K). According to Levy** the rate constant of this 
reaction, throughout the range studied, was 


k = 10" exp (—17300/RT) |. mole sec 


The given examples of reactions A + BC = AB + C show that the rates 
of these reactions may be expressed with good precision, at least over the 
temperature range from room to 1000°K, by 


k = Aexp(—E/RT) (18) 


There is no great difference here between E and the theoretical E, value. 

Formula (18) may be conceived to hold in the case of more complex particles 
as well, such as radicals and polyatomic molecules (for instance RH molecules). 
Indeed, as the difference between vibrational frequencies of the activated com- 
plex and of initial molecules is smaller with complexes involving a greater 
number of atoms, the temperature dependence of the theoretical rate constant 
pre-exponential factor should be comparatively low. Consequently, the approxi- 
mate equation (21) will be valid over a broad temperature range, and the differ- 
ence E — E, = a should not be high. Hence, reaction rate constants obtained 
at low temperatures may be expected to hold for high temperature ranges as 
well (at least within the usual experimental error in evaluating rate constants). 
The good agreement between rate constants for reaction H + C,H, > H, 
C,H; [7] determined at low and high temperatures will be mentioned in this 
connection. 

Finally let us now consider in more detail the activation energies for reactions 
discussed above (Sections and | and 2), beginning with 

H + 0O,-—OH +H [2] 

The heat of this reaction is Q, - 16°5 + 0-5 kcal mole~'. Since the 
inverse reaction would be one between two radicals with direct combination 
of free valences 

H H 


Oo +0-0...0+-H+0, 


it would involve no potential barrier, and its activation energy would be zero. 
Thus the activation energy for reaction [2] will be equal to the reaction heat, 
i.e. Ey = 16°5 + 0-5 kcal. As stated above (page 47), the experimental activation 
energy is actually near to this value. This provides confirmation for the equality 
Ey = —Qz, as well as for the small difference E — E, = a. 
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Inversely, the activation energy of reaction 

O+H,—OH+H 
E = 12-15 + 4 kcal mole is much higher than the absolute value for the heat 
of reaction OQ, = —1:7 + 0-5. This is quite natural, as an interaction between 
the H atom and the saturated molecule takes place in this case. The potential 
barrier of the inverse exothermal reaction H + OH — O + H, is accounted 
for by distortion of the valence angle H—O—H in the activated complex 

H H 


Such a process is connected with overcoming of the potential barrier, i.e. 
requires an activation energy. 

The reaction of H with C,H,, C,H,, and C,Hyp, i.e. that between a univalent 
atom and a saturated molecule (as well as the inverse, and the H + H, — 
H, +H reactions) evidently also necessitates overcoming of the potential 
barrier, and this leads to the activation energies observed. 

Decrease in the apparent activation energy in the sequence ethane—butane 
would be connected with the weakening of the C—H bond dissociation energy. 
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I. INTRODUCTION 


During the past decade, there has been increasing attention given to a newly 
recognized type of chemical reaction, namely, gas-phase chemical reaction 
between ions and molecules. It has long been recognized that such a type of 
reaction might possibly be of considerable importance in many gas-phase 
processes such as radiation chemistry, electric discharges, flames, etc., but 
practically no detailed and quantitative knowledge of any such reactions existed. 
Gaseous ions are high-energy transient entities, and it is therefore not surprising 
that all direct observations of reactions and measurement of reaction rates have 
been made in instruments designed to separate and detect such electrically 
charged molecular species, namely, in mass spectrometers. 

Bimolecular reactions between ions and molecules, known as secondary 
processes to mass spectroscopists, were observed by early workers’ in the field. 
(For example, as early as 1928, Hogness and Harkness* identified several second- 
ary and even tertiary ion-molecule reactions in iodine.) These were, however 
treated for the most part as nuisances attributable to experimental difficulties. 
The constant improvement in instrumentation and technique has permitted the 
development of analytical mass spectrometry and the compilation of a large 
amount of useful information concerning such properties of isolated gaseous 
ions® as ionization potentials, ionic heats of formation, electron affinities, and 
routes of many unimolecular decomposition reactions. These advances have, 
however, been made at the expense of studies of the chemical reactions which 
occur upon gas-phase collisions of ions with molecules. The existence of these 
bimolecular or secondary reactions also was recognized theoretically many years 
ago, as evinced by the calculations on the rate of formation of H,* in ionized 
hydrogen by Eyring, Hirschfelder and Taylor*. Despite such long-standing 
recognition, it was not until 1952 that papers directly concerned with the study 
of the identification, energetics, and rates of such reactions began to appear in 
the literature’®. 

In this paper we deal with the kinetics of bimolecular reactions between 
ions and molecules. The kinetics of the unimolecular ion-decomposition reac- 
tions that are involved in conventional mass spectroscopy have been treated 
extensively by Rosenstock, Wahrhaftig, and Eyring®. We have chosen, some- 
what arbitrarily, to omit discussion of many studies of charge transfer processes, 
which in a strict sense are also ion-molecule reactions, albeit of a predominantly 
more physical than chemical nature. The large majority of these studies are 
carried out at very highkinetic energies of the impacting ion, the ion-energy ranges 
being in a region in which the cross-sections for the more chemical-type atom 
transfer and rearrangement reactions would be vanishingly small’. Furthermore, 
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very little kinetic information is available in these studies of charge transfer, 
since dependence of the reaction upon pressure or concentration is not 
usually reported. We have also chosen to omit discussion of collision-induced 
ion-dissociation reactions. These processes are basically unimolecular dissocia- 
tions brought about by collision of high-energy ions with molecules and usually 
occur in the analyzer tubes of mass spectrometers*. Little or no reaction rate 
information is available from these studies. 


Il. EXPERIMENTAL METHODS 


In the usual ionization chamber of a mass spectrometer, ions, formed most 
often by electron impact but sometimes by other methods such as photon 
absorption, are impelled out of the chamber and into the analyzer tube by a 
small applied electric field. In conventional analytical mass spectrometry, the 
pressures in the ionization chamber are so low (10~° to 10~* mm) that a primary 
ion, defined as an ion formed in the ionizing beam of electrons or photons, has 
essentially no chance of undergoing a collision with a molecule during the brief 
residence time (10~® to 10~? sec) in the chamber. Under such conditions one sees 
only the primary mass spectra of the molecules introduced into the spectrom- 
eter which consist of the parent molecular ions and the various fragment ions 
that are characteristic of the unimolecular breakdown patterns of the parent 
molecular ions. However, if the pressure is raised sufficiently, the fraction of 
primary ions that suffers collisions with molecules during the residence time 
becomes appreciable; often the results of these collisions are chemical reactions 
which lead to the formation and observation of product (secondary) ions. 
Generally, an electrically neutral atomic or molecular entity is formed simul- 
taneously and its identity, though sometimes obvious, must be inferred. 

As a result of instrumental improvement, particularly the incorporation of 
large differential pumping, results are now beginning to appear at pressures 
sufficiently high to permit the observation of tertiary ions; that is, product 
ions formed by further reaction of secondary ions*’®, 

In the mass spectrometric studies of ion-molecule reactions, three types of 
measurement are generally employed: (1) the ion-intensity variation with 
pressure; (2) ion-intensity variation with the electric field in the ionization 
chamber due to the ion-repeller; (3)measurement of the appearance potentials of 
various ions. (1) and (2) are generally employed for establishment of the kinetic 
order of the overall reaction that produces a given ion. (3) is used to ascertain, 
insofar as is possible, the identity of the reactant ion; the neutral reactant 
is, of course, considered to be one of the reactant gases charged to the instrument. 


A. Pressure Dependence 
Studies of dependence of ion-intensities on pressure involve the determina- 
tion of mass spectra at varying values of the inlet reservoir pressure, taking as a 


2 
; 
il 
‘ 
: 


Kinetics of the Reactions of lons with Molecules 71 


first approximation the ionization chamber pressure to be proportional to the 
reservoir pressure. The intensity of a secondary ion will increase with the square 
of the pressure, whereas the intensity of a primary ion, including that of a 
primary ion due to an impurity, will increase linearly with pressure. Obviously 
the ratio of the intensity of a secondary ion to that of a primary ion will increase 
linearly with pressure and such behavior is shown in Fig. | for the ratios of the 
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Fic. 1. Secondary reactions in CD,. 


CD,* ion-intensity to that of the CD,* ion and the C.D,” ion-intensity to that 
of the CD,* ion. In this figure, the ion-intensity ratios are plotted as a function 
of the ionization chamber concentration, the measurement of which will be 
discussed later in this section. The curvature shown by the C,D,;*/CD,~ plot 
is due to differential scattering in the analyzer of the instrument employed for 
these measurements. (This is a phenomenon that becomes more pronounced 
the greater the mass difference in the ions being considered.) It is not a phen- 
omenon characteristic of the ionization chamber (the reaction vessel in these 
studies) and is, therefore, of no consequence to this discussion. The intensity 
of a tertiary ion should vary approximately with the cube of the pressure so 
that the ratio of the intensity of a tertiary ion to that of a secondary ion should 
be linear with pressure. An example of this behavior in ethylene is shown in 
Fig. 2 where the ratio of the C,H,* (tertiary ion) intensity to the C,H;* (second- 
ary ion) intensity is plotted as a function of pressure’. 


B. Jon-Repeller Dependence 


This type of study involves the measurement of the intensities of primary 
and secondary ions (and those of higher order in pressure if detectable) at a 


an 
60 100 140 a0 220 260 500 
40 8 120. 200 240 
CDa] « 10° MOLECULES/CC. 
eo 


72 F. W. Lampe, J. L. FRANKLIN and F. H. Fie_p 


constant ionization chamber pressure, but for various values of the applied 
ion-repeller field. It has been observed that the variation with ion-repeller field 
of ions formed as products of gas-phase reactions between reactant ions and 
molecules is different from that of ions formed in the ionizing beam. This 
difference in behavior enables one to make an empirical differentiation between 
product ions formed in gas-phase collisions and those formed by ionization 


TONITA TION 
Vice 


Fic. 2. Tertiary ion formation in ethylene. 


subsequent to some other chemical process such as pyrolysis on a filament; the 
pressure dependencies could in some cases be identical. This phenomenon is not 
understood but probably is due to the two types of ions being formed in different 
regions of the ionization chamber. 


C. Appearance Potential Measurements 


After a particular ion has been established as owing its existence to a bi- 
molecular gas-phase collision, it is necessary, before any unambiguous reaction 
rate data can be obtained, to ascertain the identity of the reactants. As men- 
tioned before, the electrically neutral reactant is considered to be one of the 
molecules introduced into the mass spectrometer. The identity of the ionic 
reactant is generally established by comparison of the energy of the ionizing 
beam (electrons or photons), at which the product ion in question first appears 
(appearance potential), with the ionizing energies characteristic of the appear- 
ance of various possible reactant ions. A modification” of this appearance 
potential comparison technique is to examine the effect of ionizing-beam energy 
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on the intensity-ratio of a product ion and a possible reactant ion at energies 
near the reactant ion appearance potential. If the true reactant ion is being 
compared, the ratio will be independent of ionizing energy; otherwise the ratio 
will increase or decrease depending upon the relative magnitudes of the appear- 
ance potentials of the primary ion being considered and the true reactant ion. 

The primary ion whose appearance potential most closely corresponds to 
that of the product ion or whose intensity variation with ionizing energy is 
identical to that of the product ion at low ionizing energies is considered to be 
the ionic reactant, provided that the reaction then visualized is not endothermic 
by more than one or two kcal mole~'.'*'* This requirement of non-endothermi- 
city is easily seen; in general, secondary (and to an even larger extent tertiary) 
ion abundances are quite small so that, if we assume reasonable collision cross- 
sections, an exponential term involving significant activation energy (E,.. 
AH) would decrease the probability of the occurrence of a reactive collision 
to such an extent that the reaction would be undetectable. For further details, 
the original papers should be consulted®."~™, 

Any interpretation of the observed ion-currents in terms of quantitative 
kinetics requires a knowledge of the actual gas concentrations existing in the 
ionization chamber. Generally, ionization chamber concentration is determined 
as a function of the more easily measured and monitored mass spectrometer 
reservoir pressure ''+*.15_ To determine this functional dependence, the ioni- 
zation cross-section of the gas under investigation is determined by comparison 


of the total positive ion-current produced in it to that produced in a gas of 
known ionization cross-section under identical conditions and in the limit of 


zero pressure. With the total ionization cross-section known, measurement of 
the total ionization permits calculation of the ionization chamber concentration 
as a function of the manometrically measured reservoir pressure. As a result 
of the determination of such dependencies for use in the study of ion-molecule 
reactions, many total ionization cross-sections of molecules for 75 V electrons 
are now available in the literature™®."’- 


A. Theoretical Ill. KINETICS OF REACTIO 


1. Rate processes—For our purposes the reaction vessel may be taken as the 
ionization chamber, usually a rectangular box having slits at opposite ends for 
the entrance and exit of the electron beam and one paralleling the electron beam 
which serves as an exit port for ions, the center of the electron beam being a 
distance d from the ion-exit slit. Usually a small positive potential is applied 
to an electrode opposite the ion-exit slits for the purpose of impelling the ions 
toward the ion exit slit. It is usually assumed that the electric field through 
which the ions fall in traversing the chamber is uniform. This assumption is 
only approximately true and its degree of validity, particularly at low field 
strength is unknown. 
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Primary ions are formed along the track of the electron beam which we will 
assume without excessive error to be concentrated at the center line. Thus the 
positive ions are assumed to be formed in a plane at a distance d from and 
parallel to the ion exit slit. Because of the Franck-Condon effect, the first step 
in the formation of the primary positive ion spectrum is the ejection of electrons 
from some of the molecules present. Certain of these initial ions will have excess 
energy and will decompose rapidly in characteristic ways to give a variety of frag- 
ment ions which, along with undecomposed parent ions, comprise the primary 
mass spectrum. At the low pressures usually employed in mass spectrom- 
etry the probability is very small that an ion will collide with a neutral molecule 
in traversing the source. Further, the fact that the primary spectrum is very 
little affected by changes in repeller voltage shows that the time required for 
decomposition of the excited parent ions is very small compared to the residence 
time (10-7 —10~* sec) of an ion in the source. We will assume that this is true 
even at elevated pressures (up to 10-* mm) and indeed the experimental results 
support this conclusion. Thus we assume that the complete primary mass 
spectrum is developed in the immediate vicinity of the electron track and before 
any collisions occur. 

The following reaction scheme represents the chemical processes occurring: 
+ M “> (R1) 


P.M+ > § N (R2) 


P.M* + (R3) 
(R4) 
“> (RS) 


N, 


S,,M+ Ti, + N (R6) 


tim 
Here M, P*, S*, and T* are respectively the concentrations of neutral molecules 
and primary, secondary and tertiary product ions. The PM*, PM,*, and SM 
are intermediate ions (or activated complexes) which are in low abundance and 
may not be directly observable but must necessarily be present. We apply the 
steady state treatment to these intermediates giving the following relationships: 
(The positive charge sign is omitted for simplicity.) 
(P.M) = (1) 
k,{M) + > ky, 


= _k wks My 


k3(P,M\M) h 
> + Koss] 


(P,M,) = 
dks 
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The (P,) disappears by reaction according to the relation 
dt 


Since (M) > (P,) we can assume that (M) is invariant so that (4) integrates to 
(P;) = exp (5) 
where the subscript zero refers to the uniform concentration of P,* if no 
secondary reaction occurred. The (S,,) is determined by the following equation 
d(S,,) 
dt 
Substituting from (1) and (5) into (6), solving and applying the boundary condi- 
tion (S,,) = 0 at t = 0 leads to 
(Poo 


Tk 5 ks, {M)t} — exp [—k,(M)t]} (7) 


Similarly, for (7,,) 


ky, (P.M) — ks: (6) 


(3) 


Upon substituting (2) and (5) in (8), integrating and applying the boundary 
condition (7,,) = 0 at t = 0 gives 


(T,,) = — MXP _ 
> ken + ¥ 


{1 — exp [—k,(M)r]} (9) 


Similar treatment leads to 


A 


11 — exp [—k,, (M)t] exp [—k,(M)«]| 
ke ky, } 
which, upon expansion of the exponential terms, reduces to 
M)*t? 


™ 


(Ty 


(10a) 

The concentrations of the various ions at the exit slit are given by (5), (7), 
(9) and (10), when the time is that required for the initial reactant or primary 
ions to reach the ion-exit slit. Since the most probable thermal velocity com- 
ponent of the primary ions in the direction of the field at time zero is zero, we 


2dm,\* 
can take the residence time, +, to be (— , where d is the distance from the 


electron beam to the exit slit, m,; is the mass of the primary ion, and E is the 


d(T, ) P.M,) 
dt 
1 
| ks AP 
(10) 
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applied field. If then we assume equal collection efficiencies for all ions, we 
may write 


where the C’s are ion concentrations and the /’s corresponding ion currents or 
peak heights. Thus from (5) and (7) we may write 
Is S;,) ky 
— fexp [ky, — (11) 
Ip [ks(M) > Koes Ks, 


In many systems the secondary ion (S;,,;) will be very unreactive so that k,,, 
will be negligible and equation (11) will simplify somewhat. Also the rate 
constants and residence times are such, in the pressure regions most extensively 
studied to date, that we can expand the exponential and keep only the linear 
term. Furthermore, in nearly all systems so far investigated, a reaction complex 
(P;M~) has either not been observed or its abundance has been very low. 
Consequently, the first order decomposition rates of the complexes must be 
quite large and probably one or two orders of magnitude greater than 1/7, i.e. 
10° to 10% sec". Further, as will be evident later, the second order rate con- 
stants, k,, kj, and Kk, are in the order of 10-* to 10-'® cm* mole! sec™ so that, 
even at pressures as high as 0.5 mm, k,(M), for example, is small compared to 
the first order constants. Therefore, (11) simplifies to 
Is ky ke, {M)r 
In, 
When k,,; = k;,;, (11) is undeterminate; however, by applying I’Hospital’s 
rule, we again obtain equation (12) assuming the same condition of pressure. 
Thus from low to fairly high (for mass spectrometry) pressures the ratio of 
secondary to primary peak heights should be linear and should pass through 
the origin. At higher pressures the ratio should increase more rapidly than the 
first power of the pressure as is evident from (11). 

Although only a small amount of work has been reported on ion-molecule- 
reactions at elevated pressures, enough data are available to show that third 
order reactions occur. Consequently, it is of interest to consider the rate 
processes by which tertiary ions are formed. From equations (5) and (9) we 
obtain 


(12) 


k k 


I, 
“ta ——~ {exp [k,(M)r]_,} (13) 
Ip [ks(M) + ky,,] exp [k, = 


which, for small (7) reduces to 


k, 


: 
C 
a 
i 
1 
7 
I 
ti 
(14) 
] 
P « 
j 


Kinetics of the Reactions of lons with Molecules 77 


As would be expected, the ratio of tertiary to primary ion intensity increases as 
the square of the pressure. Similarly, by combining equations (12) and (14), 
thus taking (M) to be small, we obtain 


A 
AM) (15) 
Ku 


Again, as would be expected, the ratio of tertiary to secondary shows a first 
order pressure dependence. It is interesting that the ratio is independent of 
time and so should not depend upon field strength. 

Similarly, by combining (10a) with (5), (7), and (9), and making the usual 
assumptions we obtain respectively 


Kei im Kas, ky Kg 
exp [k,(M)r] (16) 


6ijm * 


ke k 
(5 2! 


(Trym) | )( (18) 


(T,,) Kan Ka, 


It is noteworthy that the (7;,,,), which arises from reactions of secondary 
ions, exhibits a different dependence upon time, and hence upon field strength, 
than does (7;,) which arises from a succession of activated complexes. 

It is also noteworthy that from equation (12), k,, is readily determined from 
the ratio of peak heights when (MM) and + are known. Since () is measurable 
and f is readily obtained from conditions in the source, k,, is readily calculated. 

Ky, 
determined. Now k,, will be similar in magnitude to k,,; so that we can obtain 
at least an approximate value of k,,,. Thus, at pressures sufficient to give 
ternary reactions, it becomes possible to measure, if only approximately, the 
first order rate constant K,,,. 

2. Cross-sections and specific reaction rates—In the foregoing kinetic 
treatment of chemical reactions taking place in a mass spectrometer ionization 
chamber, the rates of all reactions are specified by a reaction rate constant; the 
amount of reaction occurring is specified by the product of specific reaction 
rate and reaction time. A convenient and often-used alternative way (and one 
that is more amenable to theoretical examination) of expressing the rates of 
the bimolecular reactions is by means of the reaction cross-section. For re- 
actions that do not have an activation energy, a classification which surely 


Similarly, from (14) and (15) if k,, has been measured the ratio is readily 
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includes most observable ion-molecule reactions, the relationship between 
specific reaction rate and reaction cross-section, Qp, is: 


k IQ. i (19) 


where g; is the speed of the ion. (In the following treatments of collision, the 
molecule is considered to be stationary.) The reaction cross-section, Q,,, can 
be represented as the product of a probability or efficiency factor, f, and a 
collision cross-section, Q,, the latter of which has been examined theoretically. 
Eliason, Stogryn and Hirschfelder’* have derived collision cross-sections 
for generalized pair-interaction potentials, g(r) = —ar~*, r being the distance 
between the colliding pair. In the case of an ion-molecule interaction, the 
9 

potential energy is given by the quantity — =, where « is the polarizability 

and e is the electronic charge. In this situation, the collision cross-section is 


St 


[44)] 


where yu is the reduced mass, g is taken as the initial speed of the ion and 
[A“)(4)] is a molecular collision integral having a value’® of 0.55259. Gioumousis 
and Stevenson”® have carried out a detailed theoretical treatment of this inter- 
action system and found the collision cross-section to be 


2er(2) (4) (21) 


which is identical to that obtained from the general treatment (20), if the mole- 
cular collision integral [A“)(4)] has the value of }. Field, Franklin, and Lampe" 
estimated lower limits to the collision cross-sections by a simple balance of the 
rotational and polarization forces. They obtained a result of the same form 
as (21) but lower by a factor of two. 

Strictly speaking, the unperturbed ion speed, g,, will be a function of its 
thermal energy and the kinetic energy due to its one dimensional acceleration 
by the electric field. At the field strengths that are commonly used in practice 
the thermal contribution is negligibly small and the collision cross-section 
should vary with the inverse of the ion-velocity or equivalently with the inverse 
square-root of the electric field. The specific reaction rate, on the other hand, 
shown by (19), will be independent of field strength provided that the efficiency 
or probability factor is independent of reactant energy. At low field strengths, 
however, the thermal contribution must become important. To attempt at 
least an approximate description of the situation at low field strengths, we 
assume that the ion at the instant of its birth in the ionizing beam is moving in 


3kT\* 
some arbitrary direction with a root-mean-square speed of (—) . Averaging 


. 
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over all directions, one obtains the average square speed of the ion at a position 
x in the ionization chamber (x = 0 in ionizing beam, x = d at the ion-exit 
slit) as 

3kT , 2eEx 


m, m, 


(22) 


where k is the Boltzmann constant, T is the absolute temperature, m, is the 
mass of the ion, and E is the electric field strength. Substituting this result into 
(21) gives for the collision cross-section 


Q.(x) = 7) (23) 


m, m, 


the collision cross-section is thus a function of the position in the ionization 
chamber at which collision occurs. Integrating Q(x) over the ionization 
chamber (from x = 0 to x = d) we obtain the average collision cross-section 
as a function of field strength 


2enm,’ (2 


O, = [(3kT + 2eEd)' — (3kT)*} 


In the limit of zero electric field strength 


2en(*) re 


3kT\' 
and since for no electric field the ion velocity is given by i— , the specific 
m 


reaction rate from equation (19) is, if the probability of reactive collision is 
unity, 


k ren (2) (26) 


a result that is identical with that of Eyring, Hirschfelder and Taylor*, and 
Gioumousis and Stevenson®®. On the other hand at field strengths at which the 
thermal energy contribution is negligible, we have 


2,/ — 


Q. (eEdy 


It has been shown by Gioumousis and Stevenson®®, and Lampe and Field* that 
for situations in which the thermal energy is negligible and for which the time- 
average velocity over the ionization chamber is taken 


(27) 


k = (*) on (28) 


2m, 


(24) 
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Upon substitution of (27) into (28), we get an expression identical to (26) for 
the specific reaction rate (again reaction probability factor is taken to be unity). 


B. Experimental Results 
|. Effect of pressure.—At the pressures normally employable in a mass 
spectrometer, equation (12) may be used to determine the bimolecular rate 


I, 
constant k,,. A plot of — against () should give at least in the region of low 
Ke, 
‘k 


2) 


p 
pressures, a straight line of slope k,| 


}* It is apparent from inspection that 


ko; 2dm 


wi r , k, can then be calculated for the field strength 


in question. In Fig. 1, the result of two such sets of pressure experiments are 
plotted. The reactions involved are 


CD,+ + CD, —> (CD,—CD,)* —> CD,* + CD, (R7) 
CD,* + CD, —> C,D,+ —> C,D,* + D, (R8) 


The plots are clearly linear at the lower concentrations but, because of scattering 
in the analyzer, depart from linearity at the higher pressures. From the slopes 
of the linear portion of the curves, and calculating 7 for a field strength of 10 
V/cm and d = 0.05 cm, we find for the two reactions k,(R,) = 4.75 « 10" and 
k,(R,) = 4.77 « 10" Lmole~! sec~'. In a similar fashion, rate constants for a 
number of bimolecular reactions of ions and molecules have been computed. 
The results are given in Tables IV and VI for positive ion reactions and in 
Table VII for reactions of negative ions. Most of the constants for positive 
ion reactions were computed at a field strength of 10 V/cm. The few constants 
available for negative ion reactions were all determined at 4 V/cm. In comparing 
rate constants of ion-molecule reactions and in utilizing them in interpretations 
of similar reactions carried out in more conventional reaction vessels, it should 
be kept in mind that the tabulated values refer to an electric field strength and 
may be dependent upon field strength. 

At sufficiently high source pressures, termolecular reactions make their 
appearance in the mass spectra®°. Although little has been published con- 
cerning such reactions, studies at the higher pressures are going forward and 
results will no doubt be published extensively in the near future. The ratio of 
intensities of a ternary to a secondary product ion is given by equation (15). 
Obviously a plot of the intensity ratio against source pressure should be linear. 
Figure 2 bears this out nicely for the C,H,* and C,H,* ions in ethylene. The 
C,H,* ion, which is never seen as the product of a second order process, shows 
up here as the product of third order reaction. Although the path of the reaction 
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has not been established, the following scheme seems reasonable: 
C,H, C,H, —> C,H,* (R9) 
C,H,* CH, (R10a) 
\ 
a 
C,H," +H (R10b) 


—> C,H,* C,H,* (R12a) 


C,H,* + CH, ete. (R12b) 


By estimating the fraction of C,H,, going to C,H,* and assuming that k;, is 
similar in magnitude to k,,, we then estimate, from (15), k,,;; to be in the order 
of 10® sec~'. Although this is admittedly only an approximation, it should be 
possible, when definitive measurements can be made, to determine the rate of 
such a decomposition reaction with fair success. It is of interest that the rate 
computed for the decomposition of the excited C,H,* ion is similar to that 
which would be predicted by the quasi-equilibrium theory of mass spectra. 

2. Effect of electric field strength—The theoretical cross-section for a 
collision between an ion and a molecule in a mass spectrometer ionization 
chamber is given by (24) and is seen to be a decreasing function of the electric 
field strength. At field strengths in which the thermal kinetic energy of the 
reactant ion is negligible with respect to that acquired as a result of acceleration 
by the electric field, (27) shows that the collision cross-section should decrease 
as the inverse square root of the field strength. The measurement of reactant 
and product ion-intensities, however, enables one to calculate reaction rate 
constants (as described in preceding section) not collision rate constants, or 
equivalently, by means of (28), reaction cross-sections and not collision cross- 
sections. The reaction cross-section may be looked upon as the product of a 
probability factor for occurrence of chemical reaction upon collision and a 
collision cross-section, and one cannot, by measurement of the extent of chemical 
reaction, separate the two factors. Therefore, if the reaction probability factor 
is independent of the kinetic energy of the collision partners, the reaction 
cross-section should behave with field strength variation as described by (24) 
and (27); in this case, as was shown in the preceding section, the specific reaction 
rate will be independent of electric field strength. 

It has been observed that there is a group of reactions whose measured 
reaction cross-sections do behave in accordance with (24) and (27) and, accord- 
ingly, whose specific reaction rates arc independent of field strength’... 
Generally speaking, almost all such reactions that have been observed involve 
either the hydrogen molecule or the hydrogen molecule-ion as one of the react- 
ants. In Table 1 we show a comparison of measured reaction cross-sections 


81 
C,H,* + C,H, —> [C,H,,*] (RII) 


82 F. W. Lampe, J. L. FRANKLIN and F. H. Fie_p 


with collision cross-sections calculated by means of (24) for several ionization 
chamber field strengths. The agreement between the absolute magnitudes 
(assuming unity for reaction probability factor) is quite satisfactory and, as is 
perhaps better shown in Fig. 3, the form of the variation with electric field 
strength is well-described by (24), and at higher fields, by (27); values for zero 
field strength were calculated by (25). Since for such reactions the specific 
reaction rate will be field strength independent, the specific reaction rates may 
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O A’ +H, AH’ +H 
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Fic. 3. Comparison of reaction cross-section with theoretical collision cross-sections. 


be determined at constant concentrations by study of the variation of ion-current 
ratios with electric field strength; at the usual field strengths employed in 
practice the thermal contribution is negligible and the rate constants may be 
obtained by plots of ion-current ratios versus the inverse square root of the 
field 

Generally, however, the observed reaction cross-sections do not vary accord- 
ing to (24) or (27) but rather with some higher inverse power of the field strength, 
often as the inverse first power. Two examples of such dependence upon electric 
field strength are shown in Fig. 4 for the reactions: 

C,H,* + C,H, — [C,H,*] — Products (R13) 
C,H,* + C,H, — [C,H,*] — Products (R14) 
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TABLE |. COMPARISON OF REACTION AND COLLISION CROSS-SECTIONS 


D,O* T H, HD,O* H® 


Stevenson and Schissler"*. 
Lampe, Field and Franklin®. 


70 


Qa lcm?) x 10% 


02 04 06 08 
CM VOLT 
O Cale" + Cote [CaHg*] PRODUCTS 
& Cota’ + Cog | | PRODUCTS 


Fic. 4, Dependence of reaction cross-sections on electric field strength. 


83 
A* + H, AH* + H®*® 0 168 
2.56 132 195 
5.12 101 139 
10.2 75.8 | 102 
20.5 56.0 74.4 
D,* + D, + D,* + D* 0 96.0 
2.56 40.8 49.3 
5.12 31.2 34.3 
10.2 23.4 23.0 
20.5 17.3 15.5 
212 
10.0 102 57.2 
20.0 78.5 38.8 
40.0 59.2 26.6 
60.0 50.0 23.1 
1 
60 | 
| 
| | 
10}- 
| | | 
| 
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It appears that the reactions which show a higher inverse order dependence on 
field strength are usually those involving considerably more atomic movement 
than simple hydrogen atom or proton transfer from H, or H,*, respectively. 
Within the framework of the aforementioned concept of reaction cross-section, 
these latter field strength dependencies, exemplified by the cases shown in Fig. 
4, indicate the reaction probability factor to be dependent upon the kinetic 
energy of the reactants involved in the formation of a reaction complex. The 
reaction rate constant will then be a function of electric field strength, decreasing 
with increasing field. For such reactions, whose velocities are reported as cross- 
sections by other workers, we have calculated the specific reaction rates by (19) 
taking g, at the reported average ion-energy. 

It seems reasonable that the probability factor for complex chemical reactions 
should depend upon the time that the reactants are in what may be called a 
state of collision and attempts have been made"!.*4 on this basis to account for 
the field strength dependencies of those reactions that do not obey (24) and 
(27). In this same connexion it is of interest to point out that Wigner® and 
DeVogelaere and Boudart® have suggested that for reactions in which the 
reactant energy greatly exceeds the activation energy, the transmission coeffi- 
cient of the transition state theory of reaction rate should be a decreasing 
function of the reactant energy. In the ion-molecule reactions observed, the 
activation energy is necessarily near zero and the excess energy would be 
translational energy of the reactants that is converted to vibrational energy of 
the reaction complex. 

3. Effect of temperature.—The magnitude of the reaction rate constants 
would suggest that for any reasonable collision cross-section, little or no acti- 
vation energy is required. This conclusion is well-borne out by the studies of 
Stevenson and Schissler'*."®.* who examined the effect of temperature on the 
reaction cross-sections of the reactions: 


X+ + ‘H,’ + XH+ + ‘H’ (R15) 


where X is A, Kr, or D, and ‘H,’ is H,, D,, or HD. Typical results are shown 
in Table 2. 

For those reactions that are found to obey (24) and (27), such as (R15), the 
specific reaction rates are independent of reactant energy, and therefore, even 
in the absence of an electric field will be temperature independent. Those 
reactions not obeying (24) and (27) would be expected to show reaction rate 
constants that, in the absence of an electric field, decrease with increasing 
temperature although the form of the dependence is not clear. 

4. Nature of reaction complex. A further interesting kinetic question con- 
cerns the nature of the transition state ion. Is it better represented as a charged 
system of two molecular species, each of which retains its identity, held together 
by polarization forces, for example in the case of (R7’) by 
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or is it better represented by a charged molecular system in which intimate 
mixing has occurred, that is, by (C,H,)*? 

Experiments with deuterated compounds suggest that both types of transition 
state ion exist. For the system CH,—CD,, Wagner, Wadsworth and Stevenson®’ 
have measured the relative abundances of CD,*, CD,H*, CH,D,*, and CH,* 
and have shown quite conclusively that no intimate mixing of hydrogen and 


TABLE 2. EFFECT OF TEMPERATURE ON REACTION 
CROSS-SECTIONS* 


(A*) 


Temperature, °K 
5.14 Vicm E = 10.3 Vicm 


333 130 
377 133 
380 
425 
489 
537 
575 
614 


* Reference 15. Reproduced with permission of Journal of Chemical Physics. 


TABLE 3." COMPARISON OF PRIMARY AND SECONDARY 
MASS SPECTRA 
(Based on largest of the peaks compared) 


Primary (C,H,*) Secondary (C,H,*) 


1-Butene Cis-butene-2 Isobutene Cyclobutane From C,H,* + C,H, 
i 7 1.5 
100 100 
4 


Secondary (C,H,*) 


Primary (C,H,*) 


| 1,2 Butadiene 1,3 Butadiene 1-Butyne 2-Butyne | From C,H,* + C,H, 
100 100 57 100 
11 10 23 
59 57 100 
Secondary (C,H,*) 
Vinyl-Acetylene From C,H,* + C,H, 
100 100 
83 81 
13 6 


Primary (C,H,*) 


* References 11, 28. Reproduced with permission of the Journal of the American Chemical 
Society. 


4 
97.5 
97.0 
102 
96.7 
100 
98.5 
97.6 
108 
lon 
C,H,’ 
C,H,* 
C.H.* | 
C.H;* | 18 = 16 21 8.8 . 
| 
C,H,* 
C,H,* 
C,H,* 
C,H,* 
C,H* 
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deuterium occurs. Thus for this system the transition state ion is better repre- 
sented by the first type of complex, that of individual molecular species physically 
bound together. 

On the other hand, for systems in which the stoichiometry of the transition 
state corresponds to a stable ionic structure and in which much more atomic 
rearrangement Occurs on reaction, the intimately mixed complex seems to be 
the appropriate model. The evidence for this is twofold: | irstly, the agreement 
of the ‘secondary mass spectra’ due to the reactions 


C,H, C,H, — [C,H,]* — fragmentation (R14) 


C,H, C,H, [(C,H,]* fragmentation (R16) 


C,H,* + C,H, [(C,H,]* fragmentation (R13) 


with the primary mass spectra of C,H,, C,H, and C,H, compounds is evidence 
of a chemically-bound intermediate structure™.**. The degree of agreement 
between the primary mass spectra of known molecules and the dissociation 
products of stoichiometrically identical reaction complexes can be seen in 
Table 3. 

Secondly, the relative abundances of the deuterated C,H,* ionic products 
in the reaction*! 


——>C,H,D+ + D, + D 


—_+C,H,D,+ + (2D + H) 
CD,* + C,H, [C,H,D,] (RIT) 
—_*_+C,H,D,* + (2H + D) 


»C,HD,* + H, + H 


are a:b:¢:d = 1:4:4:1. Completely equivalent hydrogen atoms in the complex 
would lead to 1:6:6:1. Thus, in (R17) also, it appears as if intimate mixing 
does occur and that the transition-state-ion is better represented by a chemically- 
bound charged entity. 


IV. TABLES OF SPECIFIC REACTION RATES 


A. Reactions Involving Neutral Atom and Positive Atomic Ion Transfer 


This type of reaction includes those first observed by early workers in mass 
spectrometry and often results in a type of molecular species both new and 
interesting from a structural point of view; namely, the protonated molecular 
structures long postulated as intermediates in organic chemistry. In Table 4, 
we present the reactions known to date, along with the ty pe of transfer involved, 
the specific reaction rate in 1. mole~! sec reported, and the observers. In cases 
in which more than one rate constant is available, we report all available values. 
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TABLE 4.¢ NEUTRAL ATOM AND POSITIVE ATOMIC ION 
TRANSFER REACTIONS 


Entity | /Q, > 
Reaction j Reference 


1. mole~' 


+ H,->H,* 


+ D,? 
+ C,H, 


H, NeH* 
+ H,-» AH* 
+ HD—-AD* 
+ AH* 
AD* 
H,—» KrH* 
D,-+KrD 


+ CH,-> 
CD, 
CH,)* CH,D* + CH, 
H,)' CH 
C,H, CD,H* 
C,H,-+ CH 
C,H, CD,H" 
+ CD,H* + C,H, 
CH,Cl-+ CD,H* + CH,C! 
+ NH,-+CD,H* + NH, 6 
CD,H* + SH 8.4 
HCl)* + CH,* + Cl 3: 28> 
HCl)* + CD,H* + Cl 31» 
+ C,H,* + C,H, 32, 359 
C,H, C,H,* + 


C,H, -> C,H,* + C,H, 


18, 180° 


+ i-C,H, t-C,H,* + C,H, 


N,->N,* + N 
D,->N,D* +N 


NH, -> NH,* + NH, 


H,--H,O* +0 
H,O-+ H,O* + OH 
D,O-+ D,O* OD 
>HD,O H 
»H,O* + CH, 
» HD,O* + CH, 
,H,--H,O C,H 
D,O HD,O* C,H; 
cycloC,H,-» HD,O 
C,H, 
H.O-+H,O 
D,O -+ HD,O° 
*+n-C,H,,-+ HD,O 
NH,-> H,O* + NH, 
+ H,O* + SH 
+ H,O--H,O SH 


87 
H,* ? 27.48 126" 4 
D,* D ? 26.8 86.8 12, 22 
Ne* +H H 14.1 20.5 13 
A’ H H 111 114 12, 22 
A* H D 46.3 47.5 | 12,22 
A* D H 40.5 41.5 12, 22 
At D D 82.1 84.4 12, 22 
Kr H H 42.5 30.1 | 13,22 
Kr’ D D 29.8 21.1 | 13 
5, 11, 30 
12, 27, 31 
31, 32, 27 
29, 33, 76 
31, 32 
29 
31, 32 
31, 32 
31, 32 
31, 32 
31, 32 
31 
31, 32 
11, 13, 22 
34 
? 35, 36 
NY, ? | 21,37 
o,* oO 38 
H,O 4 95.0 76 | 5, 14, 23, 41 
D. 102 61.5 23 
D« H 63 38.7 23 
? 180" 148° $, 23 
(D,A 148° 23 
H,¢ H 14 
C,H H 440 445 23 
C,H, H 40 33 23 
H 14 
H — 14 
Cy! H 440 540 23 
D,¢ H, H 96 78 23 
H,O H - 14 
H ~- 14 
H,S H 14 
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TABLE 4. (Continued) 


kas 

Entity /Q, x 10'* 

transferred cm? 10-10 


Reaction Reference 


++ 0,—HO,+ +H H+ 126 580 13, 22 
D,* + 0,--DO,* + D D+ 88 280 13, 22 


CO* + D,-+ CDO* + D D 72.5 89 13 


CH,OH* + CH,OH + CH,OH,* + CH,O ? 583 670 13, 22 
CH,OH* + H,O + CH,OH,* — OH H — 34 


C,H,OH* + H,O-+ C,H,OH,* + OH H . 34 
(CO, + H,)*-+ HCO,* + H ? : 39 
H,O* + CO,-+ HCO,* + OH H* 39 


O*+ + N,--NO++N N 2000° 600° 40 


HCl* + HCl H,Cl* + Cl ? 24, 48 2.4, 2.7 13 
(HCI + CH,)* H,Cl* + CH, ? 129° 72? 31 
(HCI + CD,)* + HDCI* + CD, 4 109° 61° 31 


CH,Cl* + CH,Cl— CH,Cl* + CH,C! ? 21 


HBr* + HBr-+H,Br* + Br ? 39 28 13 
I+ +1,—1,*++1 ? — 2 
I,*+ +1,—-1,++1 ? 2 
I* + CH,I + CH, 2 


HI* 


CH,I CH,I,*+ + H I* 


HI*+ + C,H,I-+C,H,I,* + H 6.2 2.6 42 


CI* + CH,I--Cl,*+ + CH, I 17.5 7 


CI* + C,H, Cl,* + C,H, I 8.7 3.5 42 


CHI* + CH,I + CHI,* + CH, I 36 14.5 42 
CHI* + C,H,I > CHI,* + C,H, I 115 46.4 42 


H,S* + H,S—+H,S* + SH ? 31 18 31, 32 
H,S* + CD,-—+ H,DS* + CD, D 14 8.4 31, 32 


t A portion of this table is reproduced with permission of Tetrahedron. 
* Theoretical calculation of k, combined with equation (28). 

» Calculated on the assumption that CH,* (or CD,*) is the ionic reactant. 
© Probably at about 8 V/cm. 

@ Calculated on the assumption that H,O* (or D,O*) is the ionic reactant. 
© Very uncertain 

* Calculated on the assumption that HCI” is the ionic reactant. 


For cases in which reactants are written as (A + B)* we do not know which 
of the species is the ionic reactant. 

It is perhaps of interest to note in Table 4 that the rates of those reactions 
known to involve the transfer of a proton are usually an order of magnitude 
larger than those involving the transfer of a hydrogen atom. This fact is not 
explainable by the present theory of ion-molecule reaction rates. 
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B. Hydride Ion Transfer Reactions 


Reactions involving the transfer of a hydride ion have been postulated for 
many years*,“ and are considered to be of much importance in many processes 
such as alkylation, isomerization and cationic polymerization. Prior to their 
detection in the gas phase“, however, there had never been, to our knowledge, 
direct observation of the elementary reactions. 

Recognition of the fact that hydride ion transfer reactions were occurring 
in the gas phase was due to the observation that in many paraffinic compounds 


5 i % 2 2 30 
Pr (neo ( mm.) 


Fic. 5. Hydride ion transfer in neopentane. 


the ‘high pressure’ mass spectra show secondary ions of mass one unit lower 
than the molecular weight of the parent compound. The phenomenon is most 
obvious (and was here first observed) in neopentane because in this system the 
primary ions containing five carbon atoms have a negligible intensity; hence 
any secondary ions formed in this mass region will not be obscured. In Fig. 5 
we show a plot of the ratio of the mass 71 intensity to the sum of the intensities 
of the mass 71 and mass 41 ions against the neopentane pressure. The rise of 
this ratio shows without doubt that C,H,;* is a secondary ion. The appearance 
potential of the C;H,,* ion is identical to the appearance potential of the C,H, 

primary ion from neopentane™, and it may be concluded that C,H,* is a reactant 
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ion. Any reaction between C,H,* ion and neopentane to form the C;H,,* ion 
that does not involve the formation of propylene would be strongly endothermic 
and hence not observable by mass spectrometric technique. Therefore, the 
reaction occurring must be 


neoC Hj». “T C,H, (R18) 


which is obviously a hydride ion transfer reaction. 

Although appearance potential measurements establish C,H;* as a reactant 
ion, they do not rule out the possibility that other ions of higher appearance 
potentials may also be reactant ions. In view of its simple nature, it seems 
likely that the reaction will occur with all ions having an unoccupied valence 
orbital, provided that it is not energetically prohibited. In this respect, it is of 
interest to point out that appearance potential measurements do rule out the 
occurrence of the reaction 


t-C,H,” 7 neoC;H,, > isoC Hy, T C,H), (R19) 


Since the lack of occurrence of (R19) cannot be due to intensity limitations 
(t-C,H,* is the major primary ion) it may be limited energetically; an endo- 
thermicity of 2 kcal mole” ' would certainly preclude its observation. Taking 
the most reliable value of AH,(t-C,H,*) to be 178 kcal mole~'***’ would then 
lead to AH(C;H,,*) > 168 kcal mole~'. 

Secondary ions of mass one unit less than the parent molecule also have 
been observed in ethane, propane, n-butane, isobutane, and neohexane. How- 
ever, for these compounds no experimental information concerning the details 
of the reactions is available because of the presence of appreciable quantities 
of primary ions having masses one unit less than the parent molecule. The 
identities of the neutral reactant and product ion are known, though, and 
coupled with energetic considerations permit the assignment of some limits 
upon the possible ionic reactants and neutral products. In Table 5 we show 
the possible hydride ion transfer reactions that account for the observations. 
The list of possible ionic reactants was arrived at by assuming that only exo- 
thermic reactions of primary ions having abundances of 10 per cent or greater 
need be considered. It should be recognized that in some instances sufficient 
energy will be available for further decomposition of the neutral product. 

Studies of hydride ion transfer reactions have also been made with the same 
pure compounds admixed with methane®. Since the only ions from methane 
which can undergo the reaction are the CH,* and CH,°* ions, there is less 
uncertainty concerning the reactions involved in removing a hydride ion from 
the parent molecule. These systems are also listed in Table 5 and a typical plot 
for the i-C,H,,—CH, mixtures is shown in Fig. 6. 

Values of reaction cross-section listed in Table 5 were obtained by assuming 
the reactant ions to be those primary ions of more than 10 per cent relative 
intensity which are energetically capable of reaction, for the case of the pure 
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Pe (CHa)(mm.) 


FiG. 6. Hydride ion transfer in i-C,H,,>—CH,,. P,(i-C,H,,) = 2.5 mm. 


TABLE 5.*° HYDRIDE ION TRANSFER REACTIONS” 


Reaction 
System Allowed reactant ions cross-section 
(A*) 
C,H, ‘ 264 
C,H, -H,*, C,H,*, C,H,*, C,H,*, C,H,*, C,H,’ 66 
n-C,Hy, ; C,H,*, C,H,*, C,H,*, C,H, 32 
i-C Hy, C,H,*, C,H, 34 
neo-C.H,, C,H;,*, CH, * 14 
neo-C,H,, C,H,*, C,H,*, C,H,*, Cy 7 


C,H,—CH, 
C,H,-—CH, 
n-C,H,,—CH, 
i-C,H, 
neo-C,H,,—CH, 
neo-C,H,,—CH, CH,*, CH,* 


* Reproduced with permission of the Journal of American Chemical Society. 


compounds, and CH,* and CH,* for the methane mixtures. Slopes of ion- 
current ratios versus pressure plots (Figs. 5 and 6) were then compared to 
slopes observed for (R7), for the calculation of reaction cross-sections. The 
cross-sections so calculated depend strongly upon the correctness of the assump- 
tion of which ions are reactants. Consequently, the agreement between the 
values found for the pure compounds and methane mixtures, while certainly 
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TABLE 6. CONDENSATION REACTIONST 


Ka; 


x 10-*° 
16 
Reaction (Si References 


l. sec™ 


CH,* + CH, ->C,H,* + H, 58, 165" 51, 246" 11, 13, 22, 30, 
CD,* + CD,-+C,D,* + D, 220° 
“H+ + C,H, ~C,H* + H, 36 
C,H, ~C,H,* +H 18 
C,H, ~C;H,* + CH, 22,2 14, 278 
C,H, + C,H,* + CH, 3, 112 28, 1238 
C,H, + C,H,* + CH, 878 
C,H, ~C,H,* + H, +H 
C,H, -+C,H,D* + D, + D 
C,H, > C,H,D,* + 2D + H) 
C,H, + C,H,D,* + (D + 2H) 
C,H, -+C,HD,* H, + H 
C,H, -+C,H* + H 
C,H, ~C,H,* + H, 
C,H, C,H,’ 
C,H, C,H; 
C.H, 
C,H, C,H 


not exact, may be considered as satisfactory. In both sets of values there is a 


trend of decreasing reaction cross-section with increasing molecular weight. We 
have no explanation for this trend which is in the direction opposite to that 
expected. 

In a sense the reactions observed by Meisels, Hamill, and Williams®®** viz 


A+ + CH,—-CH,++H+A (R20) 
Kr* + CH,» CH,* + H + Kr (R21) 
Kr* + C,H,» C,H,* + H + Kr (R22) 
Xe+ + C,H, -> C,H,* + H + Xe (R23) 


could be considered as hydride ion transfers resulting in an unstable molecule 
which immediately dissociates. However, we have some doubt about (R21) 
since if it occurs without any excess energy in Kr‘ it is the first endothermic 
reaction observed (AH = +7 kcal mole~'). Moreover, since the parent peaks in 
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C,H, C,H H 4 3 11 

+" C,H,;* + C,H, ~C,H,* + C,H, 140" 127 13, 22 

>C,H,* + C,H, 744 66" 13, 22 
= C,H,* + C,H, C,H, 50 
C,H, C,H, ~ C,H, C,H, 50 

C,H,* + C,H, +C,H,* + C,H, 50 ‘4 
oo C,H, C,H, — C,H, C,H, 50 

C,H,* + C,H, ~ C,H; C,H, 50 
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TABLE 6. (Continued) 


Reaction References 


k Kay 10-1 
10% (Si. 
cm? j 
1. mol-' sec-! 
C,H,* C,H, C,H, 
C,H,* C,H, C,H, 
C,H,* C,H, C,H,* 
C,H,* 
or C,H, - C,H, 
C,H,* 
C,H,* 
or + C,H, 4 
C.H,* 
C,H, C,H, C,;H,* 
+ HI,* + C,H, 
HI* + C,H,I -+1,* + C,H, 
CH,I* + -1,* + C,H; 
CH,I* C,H,I + CH,l, 
CH,I* + CH,I -C,H,I° 
+ C,H,I C,H,I* 
IC,H,I* + CH,I C,H,I* 
C,H,I* + C,H,I C,H,,I° 
C,H,I* + + 
C,H,I* + C,H,l - C,H,,I,°* 
C,H,Br* + C,H,Br — C,H,,Br, 
C,H,I* + C,H,1 -C,H,,1,° 


CH,* + H,S + CHS* + 2H, 
CH,* + H,S->CHS* + 2H, + H 
CH,* + H,S + CH,S* + H, 

CH,’ + H,S-+CH,S* + H, + H 


t A portion of this table is reproduced with permission of Tetrahedron 


ky 
* Probably at about 8 V/cm, k, og calculated from equation (28) 
» At 4 V/cm. Lh: 


the methane, ethane, and propane spectra for the systems indicated in (R20) 
(R23) also increase with rare gas pressure**, these reactions are best considered 
as dissociative charge transfer processes. 


C. Condensation Type Reactions 

Under this heading we group all those reactions that involve considerably 
more molecular rearrangement than the simple transfer of an atom or atomic 
ion. In all reactions of this class, observed to date, carbon-carbon or carbon- 
sulfur bond formation occurs; hence the use of the term condensation. The 
reactions reported along with their specific reaction rates are shown in Table 6. 

In addition to the reactions listed in Table 6, Levy and Skahan* have found 
secondary ions in cis-2-butene, the most prominent of which were the C,H,* 
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and C;H,* ions. As has proven to be generally true, they found no dimer ions 
(C,H,,_*) but did observe ion masses up to 105. 

Many of the reactions shown in Table 6 are of an unexpected and even 
surprising nature. Knowledge of the existence of such reactions is proving of 
considerable aid in radiation chemistry mechanism studies because such unusual 
reactions would never be postulated on an a priori basis. Of course, their 
importance in other reaction systems depends upon whether or not the reactant 
ions are formed. 


D. Negative Ion Reactions 


Negative ions present many more difficulties in mass spectrometry than do 
positive ions and so it is not surprising that comparatively few secondary 
processes of negative ions have been studied. Table 7 includes all of the 


TABLE 7. NEGATIVE ION REACTIONS 


Ka, 


fQ.at4V 
cm ke; 
Reaction cm? 10" Reference 


l. mole~' sec™* 


NN 


H,O + OH- + H, 
l, l 
I, +( 


CH,!I - Ol CH, 
Ol | 
IBr Ol Br 


SO- + SO, --SO, + SO 312 
C,H,NO,- + SO, + SO, + C,H,NO, 1950 


aA 


O- + NO, NO,- + O 378 
O- + CH,NO, + CH,NO, + OH 338, 416 
O- + CH,NO, + CHNO,- + H,O 182 


AWW 


wa 


HCOO N, ~ CN~ + (HNO,?) 


secondary reactions of negative ions that have been reported. In general, they 
obey the same rate laws as do reactions of positive ions and the reaction cross- 
sections and rate constants are similar in magnitude to those of positive ions. 


V. ION ENERGETICS 


As mentioned earlier, the observance of a secondary ion enables one to con- 
clude, within an error of one or two kcal mole~', that for the reaction involved 
in its formation, AH < 0. If the reaction producing the secondary ion can be 
established and if the standard heats of formation of reactants and neutral 


4 
a 
A 
H 0.3 
I a ¥ 
O- + 169 127 it 
oO 83 62 

O- + 5 3.8 
135 
519 | 
284 
ag 254, 313 
137 
= 
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TABLE 8. STANDARD HEATS OF FORMATION OF GASEOUS IONS 


AH, in kcal mole 
lon—molecule reactions Independent method 


lon 


NeH* None 
AH’ None 
KrH None 
H, 286" < AH, 311" 
CH, < AH, None 
C,H, ‘ None 
C,H,’ None 
C,H,," None 
C,H,* 226° 
C,H, 231° 
<23: 226° 
C,H,,° <2: None 
C,H,* <3 329° 
2356 
None 
None 
197-211° 
None 
215-244" 
215° 
None 
None 
None 


388° 
None 

154°* 

271° 

136" AH, 125** 

203° 
CH,OH, 1348 < AH, None 
C,H,OH, 107 < AH, « None 

HCO,’ 140-195" 

H,Cl* None 
H,Br* None 
I,* <237, 239, 232° 
None 
HI, None 
CH,l, None 
C,H, 1 None 
C,H,l, None 
C,H,l None 
C,H, None 
C,H, I, None 
H,S°* 8 None 
CH,SH, 257 None 
CH,SH, None 


* Lower limit obtained by assumption that a reaction was endothermic because it was not 
observed. This is to be accepted with reservation 
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product(s) are known, upper limits to the heats of formation of the product 
ions may be calculated by the use of Hess’s Law of constant heat summation. 
That is, 

AH, Product lon) < LAH,Reactants) — LAH{Neutral Products). (29) 


This requirement that AH < 0 is a necessary but not a sufficient condition 
for the observation of a given reaction. Thus the failure to detect a given 
reaction does not, of course, permit one to conclude without qualification that 
it is endothermic; there may be other factors involved which result in failure 
to observe a given reaction. One possibility is the occurrence of a more probable 


TABLE 9. STANDARD HEATS OF FORMATION OF GASEOUS 
NEGATIVE IONS 


AH, in kcal 
Ion—molecule reaction Independent method 


—39° 


~135,58 
—2997 


C,H,NO,- >(—§ 


* Calculated from reaction (see Table 7) in which C,H,;NO,~ is the reactant. 


competitive reaction; an example of this is provided by the finding of Meisels, 
Hamill and Williams*®** that A* undergoes a dissociative charge transfer 
reaction with methane rather than the hydrogen atom abstraction reaction 
which would be energetically equivalent to the established formation of AH* 
in argon—hydrogen mixtures”. Another possibility is that of the very rapid 
further decomposition of a highly energetic product ion formed in a very exo- 
thermic reaction. An extreme example of this alternative is the failure to detect 
the dimer ion formed by the association of the reactants except as a third order 
process®?® or as in the case of complex alkyl iodides™. Lower limits to the 
heats of formation of product ions, derived from the assumption that a given 
reaction is endothermic because it is not observed, are therefore to be regarded 
with reservation. In Table 8 we present limits to the heats of formation of 
positive ions, for which, for the most part, no energetic values from independent 
methods are available. Generally, the upper limits are derived from the reactions 
known to take place that we have tabulated in Tables 4 and 6. The AH, limits 
for the protonated paraffins other than methane are based on the reasonable 
assumption that in the hydride ion transfer reactions observed in methane 
mixtures, CH,* is a reactant ion. The transition state ion in this case must be 


OH <-23 
<= one 
<—58 
<—68 — 
SO, <—130 or « 102 
CH,NO,- <—4 — 
— 
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of the formula C,H,,,, and in order for reaction to be observable its heat of 
formation must be lower than the sum of the heats of formation of the reactants. 
The values for CH,SH,*, CH,SH,*, C,H,,*, C,H,.*, and C,H,,* were derived 
in a similar way. The limits to the negative ion heats of formation shown in 
Table 9 were derived in a similar manner from considerations of the reactions 
in Table 7. 

Many of the ions shown in Table 8 have the structure of stable and often 
saturated molecules to which a proton has been added, and it is of interest to 
express the energetics of such important and unusual species as proton affinities 


TABLE 10. PROTON AFFINITIES OF MOLECULES IN GAS PHASET 


Independent method 
Lower limit Upper limit 


—80 


cyclo-C,H, 
C,H, 
cyclo-C,Hio 


C,H,OH 
co, 
HCl 
HBr 

HI 


161, 156 
166 
175 
CH,SH 105 


observed. This is to be accepted with reservation. 


= 
Proton affinity (kcal mole~') 

Ne 

A 43 

Kr 94 

H, 61 798 _ 

CH, 114 129* — 

C,H, 101 -- 

C,H, 98 — — 

C,H, 98 — _ 

164 - 

98 
144 150" 

132 

103 — 

C,H, 142 

102 — 

155 - 

N, 58 

NH, 174 — 200°* 

oO, 61 

H,O 167 1718 

co 94 — 136° 

CH,OH 177 183* _ 

185 202* — 
115 — 76-131° 

120 

130 

117 

CH, I, 191 -- 

C.H,l 161 -- 

C,H,l, 192 

+ This table in part is reproduced with permission of Tetrahedron. 
* Upper limit obtained by assumption that a reaction was endothermic because it was not 
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of the original molecule®.'*-"4.29.44, Since the proton affinity of a molecule, M, 
is defined as the negative of the enthalpy change of the reaction 


M + H*+— MH* (R24) 
it follows that 
P.A.(M) = AH(H*) + AH,(M) — AH(MH*). (30) 


The data in Table 8 which represent upper and lower limits to AH, MH*) can 
be used in (30) to calculate lower and upper limits, respectively, of the affinity 
of the original molecule, M, for the proton. In Table 10 we show proton 
affinity limits for those stable molecules whose protonated forms, MH*, appear 
in Table 8. The reservation concerning the lower limits to the standard heats 
of formation of the ions applies to the upper limits of molecular proton affinities. 

As expected, the proton affinities of unsaturated molecules and of molecules 
containing unshared electron pairs are quite high (usually greater than 140 
kcal mole~') and considerably higher than those of the saturated molecules. 
Nevertheless, the proton affinities of the saturated molecules are surprisingly 
high. The protonation of saturated molecules is now being recognized as 
important in the radiation chemistry of gases and it may well be that such 
protonation plays a larger part than generally considered in chemical reactions 
in condensed phases that proceed by ionic mechanisms. 


VI. OCCURRENCE OF ION-MOLECULE REACTIONS IN 
RADIATION CHEMISTRY 


The direct observation of chemical reactions between ions and molecules is, 
of course, possible only in instruments that are designed to detect and measure 
abundances of ionic reactants and products. The magnitudes of the specific 
reaction rates of the observed ion—molecule reactions, however, are such that their 
occurrence must be seriously considered in any reaction system in which ions 
are formed, as for example in the chemical reactions induced by high-energy 
radiation. However, their importance in radiation chemistry depends upon 
whether or not the ion—molecule reactions can compete successfully with ion- 
electron recombination or neutralization processes. While there is a paucity of 
data on polyatomic ion neutralization processes in general, it has been noted by 
Lampe** and Stevenson* that the results of Biondi and Brown®® and others on 
the gas-phase ion-electron recombination process in diatomic gases strongly 
indicate the energetically permitted ion—molecule reactions (those observable in 
mass spectrometers) will compete successfully and should be considered as 
occurring in irradiated gases. It has further been pointed out®.® that ion- 
molecule reactions may be of considerable importance in irradiated liquids 
despite the estimates of the extremely short lifetime of ionic species with respect 
to ion-electron combination™. 

In the following sections we discuss several cases where there seems good 
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evidence for the occurrence of ion—molecule reactions in chemical systems sub- 
jected to the passage of ionizing radiation. 


A. Gaseous Hydrocarbon Reactions 


Meisels, Hamill and Williams*®-** have studied the radiation chemistry of 
methane admixed with both argon and krypton. From studies of these methane- 
rare gas systems and the effect of addition of deuterium, propylene, and iodine, 
as free radical scavengers, these authors have concluded that the following ion— 
molecule reactions in methane are not only important, but, in fact, dominate 
the radiation chemistry of the system. 


CH,* + CH,* + CH, (R7’) 
A+ + CH,—CH,++H+A (R19) 
CH,+ + CH, — C,H,** (R8a’) 
C,H,+* + C,H,*+ + H, (R8b’) 
C,H,** + M—C,H,*+ + M (R25) 


The proposed collisional stabilization of C,H,**, (R25), has not been observed 
in the mass spectral studies, but this may simply be a result of the low pressures 
necessarily employed. Neutralization of the ions CH,;*, C,H,*, and C,H,* is 
presumed to lead to the formation of ethylene, molecular hydrogen and free 
radicals, including hydrogen atoms, with subsequent radical combinations 
accounting for the ultimately observed and simultaneously formed hydrocarbon 
products (ethane, propane, and butane). The high specific reaction rates of 
the ion—molecule reactions account for the essential temperature, intensity, and 
pressure independencies of the corresponding ‘G’ values or 100 eV yields**»®. 
Meisels, Hamill and Williams have calculated** the ion-pair yields of pure 
methane radiolysis on the basis of the ion-abundances in the 50-70 V mass 
spectrum of methane and assuming reactions (R7’) and (R8’) as well as the 
various free radical combinations, the agreement with experiment was sur- 
prising. In this manner it is possible to explain the radiolysis without taking 
into account any contribution from primary molecular excitation. 

From isotopic studies of the methane formed in the radiolysis of the system 
ethane-ethane-d,, Dorfman™ has concluded that at least half of the methane is 
formed in reactions not involving methyl radicals. He has suggested that the 
reaction producing this non-free-radically formed methane is 


C,H,* a C,H, C;H;* CH, (R26) 


which has been reported by Schissler and Stevenson™ (see Table 6). 
Futrell®, in an investigation of the radiolysis of n-hexane in both gaseous 
and liquid phases, has shown that the 100 eV yields and nature of the many 
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observed products can be predicted with surprising accuracy by assuming that 
the initial primary ionization process is followed immediately by hydride-ion 
transfer reactions, viz. 

R* + C,H,,—> C,H,,* + RH (R27) 


which were observed directly by Field and Lampe®. In this way, Futrell had 
to consider neutralization only of the C,H,,* ion, which he assumed for simpli- 
city to occur only with hydrogen atom expulsion and the formation of C,H)). 
The hydrogen atom, in turn, was assumed to lead always to molecular hydrogen 
and hexyl radical formation by hydrogen abstraction. Finally, combination and 
disproportionation reactions of the various free radicals accounted for the 
remainder of the observed products. 


B. Reactions in Hydrogen Systems 

In a study of the radiation-induced exchange of hydrogen and deuterium, 
Schaeffer and Thompson have found that a gas-phase ionic chain is operative. 
Their evidence is that the presence, even in small amounts, of krypton and xenon 
practically stop the reaction. However, these gases have no effect upon the 
thermal and photochemical hydrogen—deuterium exchange. Moderate inhibition 
of the radiation-induced reaction even by rare gases of higher ionization poten- 
tial than H,* or H,* was also observed. In a further study Schaeffer and 
Thompson® have studied the reaction under conditions where both the atom 
and ion reactions are proceeding simultaneously and have been able to explain, 
in addition to the large inhibition by krypton and zenon, the moderate inhibition 
of the ionic reactions by helium, neon, and argon. Their ionic chain mechanism 
is as follows: 


Initiation 3 + H, 3* + (R28) 
lon-Chain + (R29) 


Initiation Inhibition + (R30) 
(X is any rare gas) 

Chain Inhibition 3" ‘ + +. H, (R31) 
X is Kr and Xe only 

Enhancement + H, — XH* + (R15) 


(X is He, Ne, or Aonly) XH* + H,—X-+ H,* (R32) 
Termination H,+ + M~-~H,+H+M (R33) 


Lampe has used the first part of the enhancement process in the above mecha- 
nism (R15) to sensitize the hydrogenation of ethylene®**. By studying the sensiti- 
zation or enhancement of hydrogenation brought about by the rare gases, carbon 
monoxide, and nitrogen, he was able to show further that the magnitude of the 
sensitization was a linear function of the product of atomic number and Bethe 
stopping number divided by the energetic requirement for ion-pair formation”. 
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Since the observed reaction did not show the expected characteristics of 
excitation-initiation that had been observed in the absence of hydrogen®, it 
was concluded that the sensitization was indeed due to the occurrence of (R15). 


C. Reactions in Condensed Phases 


In recent years, there have been attempts, based on indirect and speculative 
evidence, to ascribe radiation-induced reactions in the liquid phase to the 
occurrence of ion—molecule reactions”, and, of course, such reactions between 
a given type of ion and molecules have long been a basic part of the carbonium 
ion theory of organic chemical reactions. 

However, much firmer evidence has recently been reported in studies of the 
low temperature radiation-induced polymerization of isobutylene™.”". From 
studies of the effects of free-radical scavengers and of reaction-initiation at 

78°C, Collinson, Dainton and Gillis’ have shown quite convincingly that 
the polymerization reaction is due to ionic propagation and that the most likely 
polymerization initiator is the tertiary butyl carbonium ion. In this connection, 
Lampe™ has pointed out that the question as to how the tertiary butyl carbon- 
ium ion is formed is most easily answered by the observation of Tal’roze and 
Lyubimova’® of the ion-molecule reaction: 


C,H,* + C,H, ~ C,H,* + C,H,. (R34) 


Further, by assuming this reaction to represent the mode of formation of the 
polymerization initiator and the only mode of formation of free radicals, one 
can calculate™ a ‘“G’ value (molecules formed per 100 eV absorbed) for C,H, 
formation that is in excellent agreement with that obtained in the scavenger 
studies of Collinson, Dainton and Gillis”. In addition, energetic considerations 
of (R34) suggest that the free radical, C,H,, is the methyl allyl radical, an idea 
which receives support from the results of electron spin resonance studies of 
irradiated solid isobutylene”. 

Anderson” has reported a similar, but less detailed study, of the low- 
temperature radiation-induced polymerization of butadiene. In view of the 
ion-molecule reactions known to occur in butadiene®, it is very probable that 
a mechanism similar to the isobutylene case is involved. 
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The study of those reactions in which alkyl radicals are either reactants or 
products forms such a considerable part of gas kinetics that some arbitrary 
limitations must be imposed in a review article of the present type. In the first 
place, those reactions in which alkyl radicals are formed will not be considered 
in detail. In the second place, reactions of methyl radicals will only be con- 
sidered in so far as they throw light on the behaviour of the larger radicals. 
This review is therefore chiefly concerned with ethyl, propyl and butyl radicals. 
Much work on these radicals has recently been reported because their study 
has been greatly facilitated by the invention of gas chromatography. This is a 
good example of the way in which progress in gas kinetics is determined by the 
available analytical techniques. 


I. SOURCES OF ALKYL RADICALS 


The nature of the sources of alkyl radicals has largely determined which 
reactions could be studied and under what conditions. Most work has been 
done on the photolysis of ketones, no doubt largely because acetone proved 
to be such a convenient source of methyl. The higher ketones lack some of the 
advantages of acetone. Many do not yield radicals and carbon monoxide as the 
sole primary products. For instance, the photolysis of di-n-propyl ketone 
yields much ethylene and methyl n-propyl ketone. This is a serious drawback 
if the decomposition of n-propyl to ethylene is to be studied. The ketones with 
highly branched alkyl groups are cleaner sources of radicals. It is probable that 
the radicals formed are often vibrationally excited as a result of energy carried 
over from the initial act. Their reactions may not occur at the same rate as 
those of radicals in thermal equilibrium with their environment. The higher 
ketones are rather involatile, this disadvantage can be partially overcome by 
substituting pinacolone, methyl butyl ketone, for di-t-butyl ketone at the cost 
of a more complicated reaction system. 

More quantitative studies have been made of alkyl radicals derived from 
the photoinitiated chain decomposition of aldehydes than from any other source. 
The primary photolytic act is not particularly convenient because besides the 
split into alkyl, R, and formyl, HCO, radicals, higher aldehydes yield large 
amounts of RH and CO together with olefins and lower aldehydes. This 
disadvantage is minimized at high temperatures because all but 5 or 10 per cent 
of the radicals will be formed from the decomposition of RCO which in its turn 
comes from the attack of a radical on the aldehyde. As the decomposition of 
RCO is thermal, the radicals are in thermal equilibrium. Therefore the alde- 
hydes, which are volatile and readily available, can be used as satisfactory 
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radical sources provided that adequate analytical equipment is available to sort 
out the wide variety of primary products. The analysis has been simplified by 
the development of convenient aldehyde absorbents. 

The mercury photosensitized addition of hydrogen atoms to alkenes and 
removal of hydrogen atoms from alkanes have both been used as sources. 
Their disadvantages are similar. The radicals are generated and react in an 
ill-defined volume close to the face of the cell through which the actinic light 
enters. Usually two or more isomeric radicals are formed simultaneously; the 
proportions can only be deduced from the products. The radicals formed by 
addition are vibrationally excited and the method can only be used at low 
temperatures. Vibrational excitation is an interesting phenomenon in its own 
right but at the present time it is difficult enough to study radicals without this 
additional complication. Finally the parent alkene and alkane are among the 
most important products of the reaction of the radicals. Their presence makes 
it impossible to study some radical reactions in the most direct way. 

Both azo-alkanes and metallic alkyls are difficult to come by and are un- 
pleasant substances. They are unstable at high temperatures. The metallic 
alkyls are involatile and the double bonds of the azo compounds are incon- 
veniently reactive. Although the photolysis of these compounds has been 
little used, some work has been done with the thermal decomposition of 
metallic alkyls as sources. 


COMBINATION OF ALKYL RADICALS 


The combination and disproportionation of radicals, most of them alkyl 
radicals, have recently been reviewed! by one of us at greater length than is 
possible here. The experimental results will therefore be briefly presented and 
a few points mentioned which were given little prominence in the earlier 
article. Combinations are important both in their own right and because it is 
frequently easiest to estimate the relative concentrations of radicals from 
measurements of the rate of formation of their dimers. 


2R = R, 


[R] = 


(1) 


The absolute rate constants, k,, have been found for a few radicals by the 
rotating sector method: a list is given in Table 1. The rate constant for methyl 
radicals has been confirmed by observations with a mass spectrometer at low 
pressure’® and by observation of the pressure change occurring as the result of 
an adiabatic temperature change when a reaction is initiated by light.™ 

The entropies of alkyl radicals can be estimated with reasonable precision 
on the basis of simple assumptions about their symmetry. Hence the entropy 
change on combination and the A factor for the reverse dissociation can be 


4 VU 


The Reactions of Alkyl Radicals 109 


found." The A factors are very large: 10" sec”! for the symmetrical decom- 
position of ethane. Equal rates of combination for the larger and branched 
alkyl radicals correspond to still higher A’s for the decompositions of the 
corresponding alkanes. These magnitudes can only be explained if it is supposed 
that the incipient radicals rotate freely in three dimensions in the activated 
complex'®. Such a model cannot readily be accepted but at the moment there 
seems no alternative. The combination of methyl with benzyl apparently does 
not involve free rotation as the A factor is normal (about 10* mole I. sec~?)"*. 


TABLE |.¢ THE COMBINATION OF ALKYL RADICALS 


Radical log k (mole~* 1. sec") Reference 


Methyl 10-34 (125°, 175°), 13-58 (165°) 3,4, 5 
Ethyl 11-2 — (2000 + 1000/2-3RT) 6,7 
n-Propyl 12-8 (100°) 8 
Trifluoromethy! 10°36 
Alkyl? 11-00 Assumed 
+ The values printed in roman type in the tables are recommended values derived from the 
references also in roman type. Recent values that are considered incorrect are printed in 
italics as are their reference numbers. Earlier observations that are considered incorrect are 
ignored. 
+ For convenience, it has been assumed in the present discussion that k, is 10" for all 
alkyl radicals except methyl. 


Dodd and Steacie” confirmed the observation of earlier workers that k, for 
methyl fell at low pressures owing to the energy transfer restriction. At 0-3 mm 
k, was only one tenth of its value at 100 mm. Using similar apparatus, Brinton 
and Steacie’® found a very much smaller effect for ethyl radicals. The pressure 
effect is likely to be important only in investigations carried out under extreme 
conditions. 

For the purposes of the present discussion it will be convenient to assume 
that k,, for all alkyl radicals except methyl, is 10" mole~' |. sec~'. This assump- 
tion should be constantly borne in mind. 

Much information has recently been reported on cross-combinations in- 
volving alkyl radicals. The results can best be expressed in terms of the rate 
constants for the three reactions 

20A=A, 


aa 


2B=B, ky 


A+B=AB_ ky 


The quantity of interest is k,,/(k,,ky»)'. According to the simple collision 
theory of chemical kinetics this ratio should be 2 for reactions with no activation 
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energy. The invention of gas chromatography has made it easy to determine 
Rxp/(R4,Rpp)’, which is equal to the ratio if R,, is the rate of formation of 
AA. It can be seen from Table 2 that almost all the values are equal to 2, 
within the limits of the experimental errors. Only the ratio involving C,F, 
radicals differs significantly and its deviation is smaller than might have been 
expected for such a polar radical. This is in marked contrast to many cross- 
terminations in polymerizations and autoxidations, for which the corresponding 


TABLE 2. CROSS-COMBINATIONS INVOLVING ALKYL RADICALS 


Radicals Reference 
A B 

Methyl Methyl-d, 17 
Methyl CF, of 18 
Methyl ‘9, 2: 19, 20 
Methyl-d, 21 
Methyl n-Propyl “1, 2:6", 14 22, 23, 24 
Methyl-d, CH,CH,CD, 25 
Methyl Acetyl , B°7, 25, 26, 27 
Methyl Acetonyl 28 
CF.Cl CF,CICF, . 29 
Ethyl n-Propyl 30 
Ethyl Isopropyl 0, 31, 32 
Ethyl CF,CF,CF, 3 33 
Ethyl Pentanonyl 34 
n-Propy! n-Butyl 35 
lsopropy! n-Buty] 35 


Mean of several scattered runs. See also text 
Based on a few non-concordant runs 
Low value attributable to the difficulty of allowing for n-hexane produced by reactions 
other than combination of n-propyls 
Very scattered points, but no trend; error limits 1-0 to 2-5 
* Calculated by writers 
Scattered points calculated by writers. n-C,F,, estimated by method of original authors 


ratios are often ten times as great. The results are an indication, though not a 
proof, that all the combinations in the gas phase occur on every collision. 
(The collision diameters are probably slightly different from those required for 
the calculation of transport properties.) 

Many of the ratios listed in Table 2 have been found constant over a con- 
siderable range of temperature. Recently a claim has been made that the ratio 
for methyl and trifluoromethyl depends upon the temperature®. It has been 
shown in support of the finding that the relative A factors can be predicted in 
terms of transition state theory®*’. Little reliance should be placed on this calcu- 
lation as none of the well-established values in Table 2 can be similarly predicted. 
The experimental observations seem too limited for the temperature coefficient 
to be accepted in the face of the pattern of results. 
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Ill. DISPROPORTIONATION OF ALKYL RADICALS 


Two alkyl radicals can not only combine, they can also disproportionate. 
Thus for ethyl we have 
2C,H,; = 
2C,H, = C,H, + C,H, =k, 
The rate constants are most conveniently expressed in terms of k,/k,. In order 


TABLE 3. THE DISPROPORTIONATION OF ALKYL RADICALS 


Radical kalk. Reference 


0-14 34, 38, 39, 40, 41, 42, 43, 54, 84 
n-Propy! 0-16 3, 44, 25 

Isopropyl 0-64 45, 31, 46, 47 

n-Buty! 0-7 (100°) 35 

Isobuty! 0-17 48, 49* 

s-Butyl 2-3, 1-5, 0-9 49, 47, 55 

t-Butyl 4-6, 2-2 49, 50, 47 
Cyclopenty! 0-2 
Methylcyclopenty! 0-4 52 

Cyclohexyl 0-5 53 


Ethyl 


+ This reference gives 0-42, but it appears that insufficient allowance was made for 
production of isobutene in the chain decomposition of the ketone source. The results reported 
are compatible with the figure recommended here 


TABLE 4. CROSS-DISPROPORTIONATION OF ALKYL RADICALS 


Reference 


0-06 

0-05 

0-22 

0-30 
0-70, 

16 

0-5 58, 25 
0-43 59, 47 

A (Pr, Et) 0-19 59, 47 
A (C,F,, Et) 0-4 33 


* The presence of molecular oxygen in the reaction system makes this result doubtful. 


to measure k,/k. the rate of formation of the dimer and also of the alkane or 
the alkene must be estimated. It is better to measure the alkene as it is much 
less likely to be formed by competing reactions. This is impossible if the radicals 
are generated by the addition of hydrogen atoms to an alkene, which is a 
further disadvantage of the source. A list of k,/k, is given in Table 3. The 
results may best be considered in conjunction with those on the cross-dispro- 
portionation of radicals in Table 4. The symbol A(Et, Pr’) is used to represent 


A (Alk’, Alk”) 
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k,/k, for the disproportionation in which an ethyl radical captures a hydrogen 
atom from isopropyl. The disproportionations can be put on a comparable 
basis by dividing A by the number of hydrogen atoms in the radical attacked 
that are so placed that their removal leads directly to an alkene, e.g. 3 for Et, 5 
for Bu*. At one time it was thought that A/|H| was a constant for propyl and 
also for butyl radicals, to within the experimental errors. It now seems certain 
that it is not. The recommended values of log A(AIk’, Alk”)/|H| are plotted 
against log A(Alk’, Alk’)/|H| in Fig. la. The pattern of the results is well 


Alk”)/|H| 
Alk”)/|H 


log \ (Alk 
log A (Alk’, 


log A (Alk’, log A (Alk’, Alk’)/|H} 
Fic. 1. The relation between the rates of cross- and autodisproportionations of alkyl radicals 


(a) After Kerr and Trotman-Dickenson**:*’. 


(b) After Boddy and Robb*’, 

marked and encourages the belief that the values are correct. On the other 
hand, the values for the similar quantities obtained by Boddy and Robb” and 
plotted in Fig. 1b show no regularity. Moreover the values often are at variance 
with those determined by other methods which agree among themselves, e.g. 
A(Bu', Bu‘) = 4-59 (Kraus and Calvert**), 4-38 (Birrell and Trotman-Dicken- 
son®*), 2:2 (Boddy and Robb*’). Accordingly few of Boddy and Robb’s results 
are listed in Table 4. The lines in Fig. la all have a slope of 4, which is 
unexpected. That is Bu‘ not only loses hydrogen atoms more readily than Et, 
but also gains them more readily. If the ease of loss were the sole determining 
factor the slope of log A(Me, Alk’)/|H| against log A(Alk’, Alk’)/|H| would be 
unity. The conclusion is surprising for D(Et-H) is 7 or 8 kcal mole~' greater 
than D(Bu'-H). A possible explanation is that the radicals in the activated 
complexes rotate freely so that it is not certain which radicals will emerge as 
an alkane. Then a general attractive force in the radical rather than specific 
bond-forming ability might be important. 

Until recently no temperature coefficient for A had been observed. Now 
A(Bu", Bu") is known to be given by “log A(Bu®, Bu") = 0-6 — (1300/2-3 RT). 
The low activation energies are not surprising as the reactions are some 50 to 
75 kcal mole exothermic. 
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An indication of the structure of the activated complexes is given by products 
of the disproportionation of CH,CD,. All the ethylene is CH,CD, hence it 
was concluded that a head-to-tail complex is involved.**.° 


CH,CD,—H—CH,CD, 


This complex is very similar to that involved in the attack of methyl on ethane. 
Since the structures are similar it might be thought that the A factors would be 
also. In fact, that for disproportionation is 10'°-* moje |. sec? whereas that 
for the methyl reaction is 10°. The radicals in the activated complexes for 
disproportionation therefore enjoy much the same freedom of movement as do 
the radicals in the combination complexes. This freedom is not easily recon- 
ciled with the head-to-tail structure. It does not seem to have been recognized 
that the products of the CH,CD, reaction could be explained in another way. 
The dimer might first be formed (the A factor would be that normal for com- 
bination) and then decompose by a four-centre reaction in which the complex 
could be (i) 
CH,—H CH, 
(i) | (ii) 
CD,-—-CD,—CHs. CD,—CD, 

This complex (i) would yield the observed products whereas (ii), which has been 
considered and rejected, would not. The activation energy for the four-centre 
decomposition could be provided by the highly exothermic dimerization. It 
has been reported™ that disproportionations of alkyl radicals do not occur in 
the liquid phase where the rapid collisions could deactivate the molecule. On 
the other hand radicals that have carried over energy from the process of their 
formation undoubtedly have abnormally high values of A, which are understand- 
able on the same terms. 

This mechanism might be tested by investigating the cross-disproportion- 
ation of CH,CD, and CH,CH,CD, (both are reasonably accessible). The head- 
to-tail complex would give only CH,CD, and CH,CHCD, whereas a complex 
of type (i) might give some C,H, and CH,CDCD,. 


IV. TRANSFER REACTIONS OF ALKYL RADICALS 


The only transfer reactions that have been extensively investigated involve 
the movement of a hydrogen atom: 


R + HX =RH+X (2) 


In principle, k, can be found from values of K_,, many of which are known, and 
of K the equilibrium constant. k_, can often be measured to within a factor of 
2 or 3, but the equilibrium constant can rarely be calculated to better than a 


factor of 10. Hence the fine structure in the pattern of alkyl radical behaviour 


/* 
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is obscured in tabulations of k, obtained in this way. Table 5 contains a 
summary of the salient features of the reactions of several atoms and radicals 
with the types of C—H bonds found in alkanes. There is a considerable body 
of evidence that to a first approximation all secondary C—H bonds in alkanes 
react at the same rate. The relative rate constants are at the moment the most 
significant figures, as the errors in several of the Arrhenius parameters are still 


TABLE 5. TRANSFER REACTIONS THAT YIELD ALKYL RADICALS 
X + RH = XH +R 


Radical, R Me. Prim. Sec. Tert. D(X—H) Reference 


D(R—H) “4 96-9 3-2 62 
Radical, X 
8 . 63 


HO,, RO, or OH k (350°) 
CF, k (182°) 
log A 

E 


CH,O k (250°) 
CH, k (182°) 
log A 8-3 8-0 


E 10-4 8-3 
Br k (98°) 0002 1 250 6300 
log A 10-8 109 102 10°: 
E 18-3 134 10-2 7: 


The values of k are for a single hydrogen atom of the specified type relative to & for a 
primary hydrogen atom 

The values of log A (mole ' |. sec~") and E (kcal mole~') are for typical hydrogen atoms of 
the specified type if the information is available, otherwise they are for methane, ethane, 
n-butane and isobutane 

+ D(CH,O—H) is higher than the value adopted by Gray” who appears to have based his 
calculation on an old value for the heat of formation of methyl nitrite which he now considers 
incorrect. 


inconveniently large. Some of these errors could be considerably reduced but 
no one has yet done the experiments. Frequently a series of rate constants has 
been measured in order to map out the main features of the territory, but the 
detailed survey still remains unattempted. 

Several points are clearly demonstrated in Table 5. The rate constants 
always run methyl < primary < secondary < tertiary. The least selective 
radicals are the most reactive as shown by the absolute rate constants. Atomic 
reactions have A factors in the region of 10'°-10" mole~' |. sec™* and radical 
reactions 10’-10* mole~' |. sec~' as is predicted by transition state theory, but 


a log A 10-4 99 97 9-8 | 
1-2 03 0 0 
te Cl k (250°) 0-03 I 3 3 103 64, 65 
a log A 98 10-2 10-3 10-2 
=. E 3-9 10 0-3 0 
0-08 6 36 102 69-72 
8-8 8-7 8-2 8-2 
10-3 7:5 47 
26 102+ 73, 74 
50 102-5 75 
79 
i 
mo 86 62, 76, 77 
, 
— 


The Reactions of Alkyl Radicals 115 


apart from this the differences in rate constants can be accounted for by varia- 
tions in the energies of activation. The reactivities of the substances, RH, 
closely follow the strengths of the R—H bonds. There is a less direct connexion 
between D(X—H) and the activity of the radicals and atoms, X. Each of these 
findings confirms what intuition might have suggested. They should be remem- 
bered when the sparse information on the larger alkyl radicals is considered. 

The basic reaction scheme for the measurement of the rate constant of a 
transfer reaction is as follows: 


Radical source — R 
2R=R, (1) 
R + XH = RH + X (2) 


The scheme is never, in practice, as simple as this. Disproportionation is 
always an additional source of RH 
2R = RH + olefin (3) 


Furthermore the radical source, which is usually photolytic, often yields RH 
in the primary act. If XH is not the source of the radicals then some allowance 
will also have to be made for the amount of RH formed by reaction with the 
source. These additional reactions that yield RH complicate the analysis; for 
instance the olefin formed in reaction (3) must be determined and the equivalent 
amount of RH subtracted from the total. Each operation of this sort reduces 
the accuracy of the rate constant that is finally obtained from the expression 


ky = Ryu (reaction 2) k,'/Rk. [XH] 


When the radical source is a straight chain ketone, no RH is formed in the 
photolytic act but the olefin of reaction (3) can be. This olefin can also be 
formed by the decomposition of the radical obtained by abstraction of a hydro- 
gen atom from the ketone. The photolysis of the pure ketone must therefore 
be carefully investigated. The photolyses of fully fluorinated ketones appear 
to follow closely ideal behaviour with no side reactions. The principal difficulty 
lies in the preparation of the compounds. Aldehydes are less suitable than 
ketones for the study of transfer reactions. RH is frequently a major product 
of the initial act; the side reactions are as complicated as they are with ketones; 
and radicals abstract the aldehydic hydrogen atom so rapidly that the formation 
of RH by this means generally swamps other modes of formation. 

The transfer reactions of ethyl and propyl radicals are listed in Table 6. 
The results are insufficient to support many generalizations. The variation of 
reactivity of n-heptane, I-heptene and |-heptyne is roughly as would have been 
expected on the basis of the methyl! radical results.*%° Although no direct com- 
parison of the reactivity of n-propyl and isopropyl is available it appears that 
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TABLE 6. THE TRANSFER REACTIONS OF ETHYL AND PROPYL RADICALS 


Reactant 


Ethyl Radicals 
Deuterium 
Cyclohexene 
n-Heptane 
1-Heptene 
1-Heptyne 
1-Octene 
Trans-4-octene 
Propionaldehyde 


MeCOEt 
Et,CO 


(CH,CD,),CO* 
(CH,CD,),CO 
Et,CO-d, 
Azoethane 
Et,Hg 
n-Propyl Radicals 
n-C,H,;CHO 
n-C,H,CHO 
Pr,"CO 
Isopropyl Radicals 
iso-C,H-CHO 
iso-C,H,;CHO 
{((CH,),CD}, CO 
{(CH,),CD}, CO 
PriN :NPr! 
n-C,F, Radicals 
Hydrogen 
Deuterium 
Methane” 
Ethane 
Cyclohexene 


Source 


Et,CO P 

Et,CO P 

Et,CO P 

Et,CO P 

Et,CO P 

Et,CO P 

Et,CO P 
Propionaldehyde P 
+ DTBP T 
MeCOEt P 
Et.CO P 

Azoethane P 

(CH,CD,),CO P 

(CH,CD,),CO P 

Et,CO-d,, P 

Azoethane P 

Et,Hg P 


Pr°CHO P 
Pr®CHO P 
Pr."CO P 


PriCHO P 
PriCHO P 
Pr,'CO P 
Pr,iCO P 
PriN:NPri P 


(C,F,),CO P 
(C,F,),CO P 
(C,F,),CO P 
(C,F,),CO P 
(C,F;)yCO P 


radicals. 
DTBP 


E in kcal mole~', A and in mole™ I. 
All results based on 10"' mole! |. sec"* for the rate constant for combination of the 


E 


log A 


10-*k (182°) 


ANON 


wwe 
No 


os 
Nh 


Sunu 


Reference 


34, 


Di-t-butyl peroxide; T radicals produced by thermal decomposition; P radicals 
produced by photolysis. 

® The atoms in italics are those attacked in the transfer reaction. 
» It is probable that the activation energy given is too low. 


the differences in their reactivity are smaller than might have been expected from 
the values of D(Pr°-H) and D(Pr'-H). 

The only reactions of butyl radicals that have been fully studied are their 
reactions with their parent aldehydes. A list of the results obtained is given in 
Table 7, together with a list of the Arrhenius parameters and rate constants for 
the attack of methyl on the same aldehydes. The variations of the Arrhenius 
parameters of the two classes of reactions are greater than the probable errors 


133 93 78 

8-2 8-8 79 

10-6 9-0 79 

8-3 8-5 79 
7-6 8-2 79 
83 8-5 79 

8-7 8-8 79 

5-9 8-1 40 

7-6 141 80 

a 8-0 83 28 19 

7-8 8-4 45 38, 81 

7-6 8:3 44 82 

8-9 51 39 

le 11-7 8-7 4 39 

= 96 8-6 10 83 

75 8-2 40 84 

6-2 7-6 42 85 

6-7 8-3 120 30 

108 83 30 

6°5 7-7 38 86 

63 8-2 186 31 

9-5 8-2 31 
93 8-1 45 

11-7 8-8 45 
6°5 7-4 87 1 
12:3 9-6 88 

13-8 9-8 88 

9-5 8-0 33 

92 9-2 33 

5-2 81 | 89 
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computed statistically and are also greater than the systematic errors that seem 
likely to have been involved. They do not fit any expected pattern. On the other 
hand the rate constants are remarkably constant. The constancy of the rate 
constants for methyl shows that the structure of the alkyl group has little effect 
on the reactivity of the aldehydic hydrogen. This should have been expected 
on the basis of the known rates of reaction of alkanes. The constancy of the 
rate constants of the larger alkyl radicals is surprising and must be connected 


TABLE 7. THE REACTIONS OF ALKYL RADICALS WITH ALDEHYDES 
R + RCHO = RH + RCO Me + RCHO = MeH + RCO 


log A log k : ; log k Ref. 
(182°) (182°) 


AY 
NNNN SN 


91-4 
95 
94 
94 
94 
94 
94 
94 


E in kcal mole?; A and k in mole |. sec 


with the exothermicity (D(CH,CO-H) = 84 kcal mole~* ®.*’) of all the reac- 
tions. Knowledge of the rates of attack of methyl on the alkanes shows that 
methyl must react much faster than t-butyl with methane; reactions that are 
thermoneutral and endothermic respectively. It would be interesting to deter- 
mine the relative rates of attack of methyl and t-butyl on toluene. 


V. ADDITION OF ALKYL RADICALS 


By comparison with the importance and interest of polymerization reactions 
the present knowledge of the addition of alkyl radicals to unsaturated com- 
pounds is small. Analytical difficulties have slowed down progress in the past. 
The problems are particularly acute for these reactions and for decompositions 
because both the reactants and the products are free radicals whose concentra- 
tion or rate of formation must be determined. 

Before the invention of gas chromatography the estimation of the rate of 
formation of the product radical was most difficult. Accordingly such results 
as were reported were obtained by a material balance procedure. James and 
Steacie®® investigated the fate of ethyl radicals produced by the photolysis of 
diethyl ketone below 250°. When the ketone is photolysed alone 


(Roa, + Rou,,)/Roo = 


Me 7-6 8-9 
Et 5-9 8-1 
Pr® 6-7 8-3 
Pr! 63 83 
Bu® 5-4 79 
Bu! 6°5 8-7 
Bu* 49 7-7 
But 43 7-5 
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according to the simple reaction mechanism 
C,H;CO C,H, + Ay = 2 C,H, + CO 
2 = 
2 C,H, = C,H, + C,H, 
C,H; + (C,H;), CO = C,H, + C,H,CO C,H, 
C,H, + C,H,CO C,H, = C,H,CO C,H; 


Values very close to unity have been observed. If an olefin is present, ethyl 
radicals add across the double bond to form a larger alkyl radical, which either 
combines with another ethyl radical or forms a stable product in some other 
way involving an ethyl radical. Hence, for each molecule of olefin that reacts 
in the addition process, two ethyl radicals disappear from the system without 
the formation of ethane or butane. The material balance then becomes 


where the asterisk denotes the presence of the unsaturate and R, is the rate of 
formation of the radical resulting from the addition of ethyl to the double bond. 
R, is simply found by subtraction and a ratio of rate constants obtained in the 
normal manner. The results obtained in this way are given in Table 8. The 
method has also been used for methyl radicals and the results are entered in 
the table for comparison. The method cannot be so readily applied to the 
photolysis of acetone because the stability of the acetyl radical restricts the 
temperature range. 

The only other method that has been widely applied in the gas phase depends 
upon the peculiar properties of aldehydes as sources of alkyl radicals. When 
an aldehyde, RCHO, is photolysed in the presence of ethylene the usual reac- 
tions yielding RH and R, occur. The concentration of the radicals can be 
obtained from Rz . Some of the radicals add to ethylene 


R C,H, RC.H, 


to yield a new alkyl radical. If the ethylene and aldehyde concentrations are 
suitable, the bulk of these radicals react by the overall reaction 


RC,H, + RCHO = RC,H, + R+ CO 


Hence Ryo, = Racin, The latter quantity can be determined by chromato- 
graphic analysis. Inevitably some of the new radicals disproportionate, combine 
with R or add a further molecule of ethylene. Their number can be roughly 
estimated and kept to less than 15 or 20 per cent of the total. The only results 
on the addition of propyl and butyl radicals have been obtained in this way. 
The method can also be used to measure the rates of addition of alkyl radicals 
to acetylene in which case the olefinic products have to be determined. The 
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analysis of the products is simplified not only by absorption of the excess 
aldehyde with powdered firebrick impregnated with sodium bisulphite in 
ethylene glycol, but also by the absorption of olefins, where appropriate, in 
firebrick/ethylene glycol/mercuric acetate/mercuric nitrate’ and acetylenes in 
firebrick/ethylene glycol/silver nitrate. 


TABLE 8. THE ADDITION OF ALKYL RADICALS TO UNSATURATED 
COMPOUNDS 


Addition of Ethyl 
Unsaturate 


Method Reference 


Ethylene 


Aldehyde' 
1-Hexene Material balance 
1-Heptene Material balance 
2,3,3-Trimethyl-1-butene Material balance 
1-Octene Material balance 
2,4,4-Trimethyl-1-pentene Material balance 
1-Heptyne Material balance 


Addition to Ethylene 
Radical 


Methyl Material balance 


Ethyl Mean value 
n-Propyl Aldehyde 
Isopropyl Aldehyde 
n-Butyl Aldehyde 
t-Butyl Aldehyde 


Addition to Acetylene 
Radical 


Methyl Material balance 5: ‘ 5-5 

Ethyl Aldehyde 7-2 
Isopropyl! Aldehyde 69 


A and & are in mole™' |. sec™'; E is in kcal mole™' 

* Ethyl radicals produced by addition of H atoms to ethylene. Products analysed. 

® Ethyl radicals produced by photolysis of azoethane. 

© These results may not be very accurate because of the difficulty of disentangling the 
products, e.g. the n-butane formed from n-butyl and from the combination of two ethyl radicals 
A and E are probably both low 

4 Methyl radicals produced by pyrolysis of di-t-butyl peroxide. n-Propyl radicals form 
n-butane and n-hexane. 


The most notable feature of the addition reactions is the constancy of the 
rate constants despite considerable variations in the structure of the attacking 
radical and of the unsaturate and in the nature of the bond attacked. It is 
likely that some of the variations in A and E are due to experimental errors. 
The values for the addition of methyl radicals to ethylene are probably an 


41 70 5-5 100 
4-4 73 5-5 101 
4-6 91 8-6 56 
43 79 6-8 
4-4 8-1 70 98 
° 43 7-2 5-6 98 
43 79 67 98 
4-6 76 5-7 98 
43 8-9 8-8 98 

4-5 70 5°5 102 
91 8-6 103 

se 44 8-0 69 above 

4:5 79 6°5 30 
4:8 8-4 69 31 
1 43 87 73 35 
8-2 71 50 
102 
104 
104 
104 
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example of this. For most purposes, therefore, the Arrhenius parameters for 
the addition of alkyl radicals can be taken as 8-0 and 7-0 respectively. 

Despite this uniformity the results on the attack of ethyl radicals on olefins 
show significant variations similar to those observed in other addition series.’ 
Thus the 1,2-disubstituted ethylene is less reactive than the monosubstituted, 
although the substitution, as in 1,1-disubstituted compounds, usually increases 
the reactivity. The effect is greatly accentuated in tri- and tetrasubstituted 
ethylenes. 

The results in the gas phase can be compared with the much more extensive 
results in solution. Most of these have been obtained by Szwarc and his 
collaborators by a variant of the material balance method. To study methyl 
radicals, they pyrolysed acetyl peroxide in iso-octane (condition X). The 
gaseous products were methane, ethane and carbon dioxide. Two molecules of 
carbon dioxide are formed from each molecule of peroxide; ethane is produced 
by ‘cage’ recombination; methane is formed by abstraction of a hydrogen 
atom from the solvent (a) 


CH, + C,H), = CH, + C,H), (a) 


When an unsaturate is present (condition Y), the yield of methane is reduced 
by reaction (b) 

CH, + U = CH,U (b) 
It can be shown that 


k, (Reu,/Roo,)x — (Reu,/Reo,)y [CsHys] 


k (Ren,/Reo,)y [U] 


A similar ratio, k,'/k,’, can be derived from the gas phase results for 


a 


k(addition to ethylene)/k(abstraction from parent aldehyde). 


The use of this relation presupposes that all aldehydic hydrogen atoms are 
equivalent. Hence we get the following table where U is benzene: 
Radical Pr" Pr’ Bu" 
k,'/k, (142°) 0-45 33 0-50 0-63 0-16 
k,/k, “2 2- 2-0 6-0(35°) 
The marked differences in the two sets of results cannot be attributed to the 
change from gas to solution. The variations in solution are most likely due to 


the different rates of hydrogen abstraction (k,) from iso-octane by the alkyl 
radicals. 


VI. DECOMPOSITION OF ALKYL RADICALS 


Alkyl radicals smaller than pentyl decompose either to yield a hydrogen 
atom, a methyl or an ethyl radical. The heats of decompositions to hydrogen 
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atoms are about 40-45 kcal mole~' and of decompositions to radicals 20-30 
kcal mole". The activation energies of the decompositions should be about 
7 kcal mole“! greater than the endothermicities, to judge by the activation 
energies for the reverse reactions discussed in the previous section. Estimates 
based on reasonable values for the entropies of the radicals indicate that the A 
factors for the decompositions should be about 10" sec~' since those for the 
additions are about 10° |. sec". 

Until recently most information on these reactions came from Bywater and 
Steacie’s investigations of the mercury photosensitized decomposition of alkanes 
at high temperatures.’°""'® At room temperature, excited mercury atoms react 


He* + RH=Hg+R+H (1) 


with alkanes to yield hydrogen atoms and alkyl radicals. The hydrogen atoms 
can either combine (2) or attack the alkane (3). 


2H + M:= + | (2) 
H+RH=H,+R (3) 

The alkyl radicals combine, or disproportionate (4), 
2R=R, or 2R=RH+r (4) 


where r is the alkene formed by removal of a hydrogen atom from R. As the 
temperature is raised reaction (3) occurs more rapidly and the quantum yield for 
the formation of hydrogen approaches unity. The conversion of the alkane 
must be kept low since the quenching cross sections of alkenes and hydrogen 
are relatively high. 

At high temperatures the decomposition (5) begins and 


R r or R’+?’ (5) 


R is regenerated by the attack of H or R’ on the alkane. According to this 
scheme, the number of radicals removed by (4) is equal to twice the rate of 
formation of hydrogen molecules, Ry , produced at low temperatures (corrected 
by a suitable extrapolation). Hence we can write 


[R] = 


The rate of decomposition of radicals by reaction (5) is equal to Ry * or Ray 
where R,, * is the rate of formation of hydrogen in excess of that produced at 
low temperatures. Hence k,/k,t = or 

This method of measuring k, has several disadvantages. The effective 
reaction volume is uncertain, the rate constants given here are based on the 
assumption that the reaction zone extends 25cm from the window through 
which the light shines."' Furthermore there is often some uncertainty about 
the structure of the radicals that decompose. 
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The other general method of studying the decompositions is the photo- 
initiated chain decomposition of aldehydes, first used by Gruver and Calvert"? 
and considerably extended by the writers. The method is direct because both 
of the products of the decompositions are measured. Sometimes the concentra- 
tion of the alkyl radicals can be found by measurement of the dimer but more 
often it has to be estimated from the rate of formation of RH by attack of R on 


TABLE 9. DECOMPOSITIONS OF ALKYL RADICALS 


Radical log & (400°) log A E Reference 


Loss of Hydrogen Atom 

Et 
Pr® 
Pr! 


Bu' 


= 
NON WwW 


Bu' 
Loss of Methyl Radical 
Pre 


Pr' 


Bu' 
Bu* 


Bu' 
But 

Loss of Ethyl Radical 
Bu® 

k and A in sec"'; E in kcal mole~*. Values of & used in the discussion are in bold type. 

Values for reactions that involve rearrangement are placed in parentheses. 

* These values for the decomposition of n-propyl were obtained between 200° and 276°C 
and the extrapolation to 400 C is likely to be unreliable. Extrapolation of the data (270°-420°C) 
of reference 30 to 230°C yields a value in good agreement with that of reference 113. The 
value of reference 30 at 400°C is to be preferred 


the aldehyde. Small corrections usually have to be applied for the amounts of 
H,, R'H, r and r’ formed in the initial photolytic acts. Calvert and Sleppy'™ 
have obviated the need for these corrections in an investigation of n-propyl 
from n-butyraldehyde by using azomethane as a photoinitiator. 

The decompositions of propyl radicals formed by the photolysis of dipropyl 
ketones have also been studied. The results together with those obtained by 
other methods are summarized in Table 9. The figures show that the results 
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14-0 40 110 

11-2 3] 40 

"4 14-6 38 109 

13-6 35 30 

13-8 37 31 

14-6 38 109 

= 13-1 35 45 

13-0 3! 48 
4 

= 2-7 9-2 20 109 

19 114, 115 
= 3-5 11-7 25 30 
4-58 15-88 358 113 
= (2:7) (9-2) (20) 109 
(1-0) (10-6) (30) 3 

(1-4) (12-0) (33) 45 i 
. (3-7) (11-2) (23) 109 

(3-3) (12-1) (27) 35 

oi 3-7 11-2 23 109 

ae 3-9 11-7 24 112 
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obtained by mercury photosensitized decomposition usually lie between those 
for the two isomeric radicals that could have been formed. Both radicals are 
therefore almost certainly present in roughly equal proportions in the systems 
and the results are not very useful for the purpose of establishing the effect of 
structure on rate of reaction. They will therefore be disregarded in the following 
discussion. 

Table 10 shows the close correspondence between the observed activation 
energies and heats of the decompositions except for those reactions (AH’s in 
parentheses) in which the decomposition involves a rearrangement of the radical 


TABLE 10. THE ENERGETICS OF RADICAL DECOMPOSITIONS 


Et Pr® Bu! Bu* 


Loss of Hydrogen 
AH 39 41 35 40 
E 40 37 31 - 
Loss of Methyl 
AH (29) (22) 25 26 
E - 33 27 26 24 
Loss of Ethyl 
AH 


E - 22 


AH and E are in kcal mole’. AH based on D(Me-H) = 102°5, D(Primary-H) = 97, 
D(Secondary-H) = 93, D(Tertiary-H) = 


or activated complex. The correspondence indicates that all the activation 
energies have been underestimated for as we have seen E should equal (4H + 7) 
The activation energies of those decompositions that require a rearrangement 
of the hydrogen atoms are all greater than the values of AH for the overall 
reactions. It is reasonable that some energy should be associated with the 
rearrangement, so that the activation energies of these reactions are also prob- 
ably too low. Because of the method of measurement employed, the 
activation energies for the reactions are probably in error by the same amount; 
furthermore underestimates are much more probable than overestimates. 
Rearrangement may occur during the process of decomposition or before it. 
If rearrangement is an earlier and separate process it should be possible to 
detect the other products of the rearranged radicals. This has not yet been 
done, perhaps because the radical contains so much excess energy from the 
exothermic rearrangement that, at the low concentrations generally used, it 
decomposes before it is deactivated and before it can react in other ways. On 
the other hand no system that is really suitable for testing the mode of decom- 
position has yet been studied. 

If rearrangement occurred during decomposition then the addition of radi- 
cals to olefins would be expected to yield rearranged products. Isobutane is 
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not found in decisive quantities when methyl radicals at high concentrations 
react with ethylene.'.'% There is evidence of the rearrangement of the radical 
formed by the addition of isopropyl to acetylene’ but more work needs to be 
done to establish the details of the system. 

The rate constants for the decomposition of the radicals show marked 
regularities. Three of the reactions in which a hydrogen atom splits off have 
almost identical rate constants. The fourth, the decomposition of ethyl, is 
almost certainly low because the rate is controlled largely by the rate of transfer 
of energy to the small molecule. The rates of those decompositions that do 
not involve rearrangement, n-propyl, s-butyl and n-butyl to ethylene, are also 
very similar. On the other hand, the decompositions of isopropyl and t-butyl 
radicals that involve rearrangement are slow. The decomposition of n-butyl to 
propene is much faster. It probably has a different mechanism. Isopropyl 
and t-butyl radicals can only rearrange by the three-centre transfer of a hydrogen 
atom between adjacent carbons. n-Butyl can rearrange by a four-centre process, 
which probably involves much less strain, by way of the activated complex 
shown: 
CH,—CH—CH, 


H--CH, 


Chere is supporting evidence for this complex. McNesby, Drew and Gordon!" 
found that the propene formed in the decomposition of butyl radicals from the 
reaction of methyl with CH,CD,CD,CH, always contained three deuterium 
atoms. They supposed that C;H,D, could only come from the decomposition 
of CH;CDCD,—CH, and that CH;CD,CD,CH, could only yield CH,CDCD, 
and CH, by transfer of a deuterium atom between adjacent carbon atoms. 
They therefore concluded because they found no C,H,D, that n-butyl did not 
decompose to propene, in disagreement with later results. The results 
can be reconciled if the four-centre transfer followed by a split at (a) is 
accepted. 


CH, CD, 
D 


There are more reactions, many involving new alkyl radicals, that can be 
studied by the present techniques. Many of the rate constants should be re- 
measured with greater precision and there is a great need now for absolute 
values of A factors and activation energies. Despite these deficiencies waiting 
to be made good, our knowledge of alkyl radicals already presents a coherent 
pattern, which, it is hoped, has been established in this review of a significant 
portion of the physical organic chemistry of the gas phase. 
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Effects of Diffusion Rates on Chemical Kinetics 


NOMENCLATURI 


a = parameter describing molecular reactivity and having dimensions 
time’. 
= area of surface through which molecules are diffusing. 
radius of atom in dissociating diatomic molecule. 
concentration of solute. 


concentrations of species A, B, Q, S, ete. 
concentrations of species A, B, etc. at zero time in imaginary or 
real system having equilibrium statistical distribution. 
concentration of ‘reacted’ A or B molecules in imaginary system 
maintaining equilibrium statistical distribution. 
concentrations at distances p and r from center of reference 
molecule. 
concentration at infinitely large distance from reference molecule. 
average concentration in solution. 
= diffusion coefficient. 
diffusion coefficients of species A, B, etc. 
diffusion coefficient for relative motion of two molecules. 
J = fluorescent intensity in presence of quencher. 
f° = fluorescent intensity in absence of quencher. 
F = probability excited molecule has neither fluoresced nor been 
quenched in time ¢ since formation. 
h = Planck constant. 
h(t) dt = probability a pair of molecules separating from a non-reactive 
encounter at time zero will react between f and ¢ + dr. 
h(t) dt = probability a pair of molecules separated a distance r, at time 
zero will react between ¢ and ¢ + df. 
photostationary concentration of iodine atoms. 
= Boltzmann constant. 
= rate constant for reaction if equilibrium molecular distribution 
were maintained. 
= time-dependent rate constant for reaction. 
= rate constant for molecules or system old enough for steady state 
to be attained. 
= rate constant for collisions calculated by kinetic theory of gases. 
= experimental quenching constant for fluorescence. 
= rate constant for fluorescence. 
= rate constant for quenching of fluorescence. 
= rate constant for combination of radicals. 
= rate constant for scavenging of radicals. 
= mass of atom formed in photochemical dissociation. 
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= mass of species A, B, etc. 


net excess of molecules diffusing across a reference plane. 


= rate of absorption of quanta in system. 


distance from center of reference molecule. 
initial separation attained by centers of two molecules formed in 
photochemical dissociation. 


= time. 
= time between zero and f. 


absolute temperature. 

velocity of atom separating during photochemical dissociation. 
potential energy of molecule. 

potential energy at distance p from center of reference molecule. 
(i + k/4pD’yV D't/p. 


- coordinate perpendicular to reference plane. 
= probability two molecules will react during an encounter. 


probability two molecules separating from an encounter will ever 
undergo a subsequent encounter. 

probability two molecules separating from a non-reactive en- 
counter will ever react with each other. 


= probability two molecules separated photochemically to distance 


r, will ever react with each other. 


= minimum energy necessary to break chemical bond. 

viscosity. 

= reduced mass. 

average frequency of relative diffusive displacements of a pair of 
molecules and frequency of an absorbed quantum. 

- average frequency of diffusive displacements by molecules A, B, 
ete. 


sum of radii of A and B molecules. 
effective encounter diameter for applications including long range 
forces. 


: root-mean-square displacement distance for relative diffusive 


motion of two molecules. 
root-mean-square displacement distances of molecules of A, B, etc. 
average lifetime of iodine atoms in illuminated system. 


- quantum yield for effective photochemical dissociation. 
= net average flux of potential reactants toward unreacted molecules. 
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I. INTRODUCTION 


Theories of chemical kinetics attempt to describe the changes taking place 
in systems under specified conditions. Of necessity, these theories cannot hope 
to describe the changing systems in more detail than that available for the 
description of similar systems in equilibrium or metastable states. Therefore, 
it is inevitable and desirable that theories of kinetics should be based as much 
as possible on the treatments provided by statistical thermodynamics and 
equilibrium kinetic theory. The description of a reacting system is certainly 
simpler and more familiar if it is carried out in terms of conventional partition 
functions and velocity distribution functions and if it is assumed that the 
existence of net unidirectional macroscopic change does not seriously perturb 
these predicted distributions. 

Fortunately most chemical reactions take place so slowly that the implied 
assumptions are permissible. However, two important types of reactions cannot 
be handled so simply. Unimolecular gas reactions illustrate one such type. 
Sometimes when excited molecules contain enough internal energy for the 
reaction of interest, their lifetimes are comparable with or shorter than the 
times necessary for collisional transfer of internal energy. In such systems, the 
instantaneous distribution of internal energies cannot possibly be described by 
application of a Boltzmann function. 

Very fast reactions in solution illustrate another type of failure of equilibrium 
distribution functions. The ubiquitous solvent molecules ensure such rapid 
exchange of internal energy that equilibrium distributions are very nearly main- 
tained, but these same solvent molecules can slow diffusive transport so much 
that the spatial distribution of reactive solute molecules is no longer random. 
The critical situation arises for a bimolecular reaction between A and B mole- 
cules when reactivity is so great compared with rates of transport that continued 
reaction of a particular A molecule could significantly deplete the concentration 
of B molecules in its immediate neighborhood. We shall see below that such a 
depletion does indeed exist even when the particular A molecule can react only 
once. 

The purpose of the present review is to provide criteria for deciding when 
conventional spatial distribution functions can or cannot be applied to the 
treatment of reactions in solution and to indicate the methods by which the 
kinetics of very fast reactions can be described. The historical development of 
this subject has involved two rather different viewpoints. One viewpoint de- 
scribes the rate by means of equations for diffusion under a concentration 
gradient, and the other describes it in terms of reactivities of isolated pairs of 
molecules. Both viewpoints are presented in successive sections, and subsequent 
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sections will discuss the equivalence of the arguments and the types of insight 
provided by each. 


Il. DEVELOPMENT BASED ON CONCENTRATION GRADIENTS 


A. Gradients around Potentially Reactive Molecules 


Let two types of molecules, A and B, exert no long range forces but be 
capable of reacting with each other. Let us postulate that it is possible to have 
a solution in which each type of molecule is distributed completely at random 
the way it would be if the other type were not present. The problem of 
interest is to describe the distributions of unreacted molecules at subsequent 
times. 

Let us also postulate another hypothetical solution initially identical with 
the first. In the hypothetical solution, A and B molecules do not react but it is 
possible to designate as ‘reacted’ any A and B molecules that have been in 
situations such that they would have reacted if the solution had been real. In 
the hypothetical solution, the total numbers of A and B molecules remain 
constant and the total distribution functions remain random and coincident 
with the predictions of equilibrium statistical mechanics. However, there will 
be a flux of ‘unreacted’ B molecules toward the remaining ‘unreacted’ A mole- 
cules, and there will be an equal flux of ‘reacted’ B molecules away from 
‘reacted’ A molecules. 

A net flux of molecules in such a solution can only arise from the existence 
of a concentration gradient. Near a randomly selected A molecule in the 
hypothetical system, the probable concentration of B molecules of all types 
must be the same as near any other randomly selected site in the solution. 
However, near a ‘reacted’ A molecule the probable concentration of ‘reacted’ 
B molecules is greater than the average concentration of ‘reacted’ B molecules 
in the solution, and near an ‘unreacted’ A molecule the probable concentration 
of ‘unreacted’ B molecules is less than the average in the solution. This latter 
distribution of ‘unreacted’ molecules is the one that would pertain in the real 
system, and the average deficiency of B molecules around the real A molecules 
is just sufficient to maintain the flux corresponding to the existing rate of 
reaction of A molecules. Any rigorous treatment of chemical kinetics in solution 
must consider these concentration gradients that are established by the existence 
of the reaction itself. 

The above argument was designed to indicate the nature of the problem 
that must be solved rather than to constitute a rigorous proof; it may be un- 
convincing to persons encountering these ideas for the first time. A more 
rigorous treatment based on a priori and a posteriori probabilities has 
been presented by Collins and Kimball’. Another very similar argument 
based on molecular reactivities is presented in more detail in Section 3 
below. 


‘ 
ae 
i 
hod 


Effects of Diffusion Rates on Chemical Kinetics 


B. Diffusion along Concentration Gradients 


If a solution contains a non-uniform distribution of solute molecules, there 
is a flux from the more concentrated to the less concentrated region. If m is the 
net excess of molecules passing in the negative direction through a plane surface 
of area A because of a concentration gradient along coordinate z perpendicular 
to A, 


dn _ de 
dt dz 


Here c is the concentration of solute in molecules/ml, and D is the diffusion 
coefficient, usually reported in units of cm*/sec. This equation is known as 
Fick’s first law and is discussed in any textbook of physical chemistry. 

The diffusion coefficient is in general a function of the concentration of the 
diffusing species. However, any application to kinetics of fast reactions will 
require the use of solutions so dilute that D can be regarded as a constant. 
Then equation (1) can be differentiated to give 

DV*ec 

ot 
where the partial derivative is for a specific point in space. This equation is 
generally known as Fick’s second law. 

Any tractable theory currently must assume spherical symmetry for the 
distribution of potential reactants around a particular molecule. Then equation 
(2) can be rewritten 

or 


where r is the distance from the center of a reference molecule. 


C. Solution for Steady-State Gradients 


The argument at the start of this Section postulated an initial random distri- 
bution of both A and B molecules. In such a system, a situation rapidly develops 
in which the concentration of B molecules is depleted near the still unreacted A 
molecules, and the average depletion is just enough to provide the concentration 
gradient needed to maintain a diffusion flux equal to the rate at which A mole- 
cules are reacting. 

For most of the situations of interest in chemical kinetics, the system can 
be treated as in a steady state where the net flux of B molecules toward A 
molecules is the same at all separations from the centers of the A molecules. 
This steady state corresponds to setting d0c/dt = 0 in equation (2). We shall 
first consider this steady state and shall then consider the more general case of 
transient terms in systems at times when the steady state is not yet attained. 
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Let c, be the concentration of the centers of B molecules at a distance r from 
the center of an A molecule. Also, let ® be the net average flux of B molecules 
toward A molecules as the result of chemical reaction; it is the dn/dt of equation 
(1) and can be defined as the rate of reaction divided by the number of A mole- 
cules. Substitution into equation (1) gives 


dc 

<<) — @/4nr*D (2.4) 
dr/r 

where D’ is the diffusion coefficient for relative diffusion of reactive molecules. 


Integration then leads to 


c, =c, — D/4rD'r (2.5) 
where c, is the concentration of B molecules far removed from A molecules 
and can effectively be set equal to the average concentration of B molecules. 

Let p be the sum of the radii of A and B molecules. The rate of reaction of 
A molecules will be proportional to c,, the average concentration of B molecules 
that are just undergoing collisions with them. Then 
= ke, (2.6) 
where & is the rate constant that would describe the reaction if equilibrium 
distributions maintained so that c, equalled c,. 
Combination with equation (5) gives 


(2.7) 


4xpD’ 
The quantity c, is not subject to direct experimental measurement. Any 
kinetic observation is used to compute a second order rate constant. If k’ is 


the rate constant for a Sy stem ina Steady state 


k’ 


Ca 


These equations were derived for reactions of the type A + B — products. 
For a reaction of the type 2A — products, the rate of reaction is —2 de,/dit = 
k’c,* = Then ® = 2kc, and 
27pD k 
Equations (7) and (8) provide an obvious criterion for estimating the validity 
of the usual kinetic approximation that molecules are distributed as predicted 
by equilibrium statistics. This criterion is 
k <4npD’ (2.9) 
For ordinary molecules, p is of the order of a few Angstroms, and D’ is of the 
order of a few times 10-° cm*/sec for small molecules in ordinary solvents. 
Then the approximation k’ = k will be satisfied to | per cent or better if k is 
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less than about 10-™ ml/molecule sec or about 10’ I1./mole sec. Since the rate 
constant for collisions in the gas phase is of the order of 10" 1./mole sec, and 
since the rate constant for encounters in solution can hardly be much more than 
this, the criterion requires a probability of 10~* or less for reaction per encounter. 
At ordinary temperatures, an activation energy of about 6 kcal/mole will satisfy 
this requirement even if there are no steric requirements for reaction. Viscous 
solvents, large molecules, and low temperatures may require smaller reactivities 
per encounter if equilibrium distributions are to pertain. 

The other extreme of reactivity arises when reaction takes place at every 
encounter. Most previous authors who have treated these so-called diffusion 
controlled reactions have assumed the boundary condition c, = 0 and have 
obtained the solution k’ = 47pD’. Collins* pointed out that this boundary 
condition could not be strictly valid. It is approached if k > 4zpD’. However, 
this inequality cannot always be attained even if reaction takes place at every 
encounter. The recombination of iodine atoms in carbon tetrachloride at 25° 
can be taken as an example. Reasonable estimates for this system give p = 
4.3 x 10-8cm and D’ = 6 x 10-* cm*/sec. If & is equal to &,, the rate con- 
stant for collisions calculated from the simple kinetic theory of gases, then k 
9.15 x 10-™" ml/molecule sec and | + 427pD’/k = 1.35. It appears to be feasible 
to test this system with sufficient accuracy that the 35 per cent correction will be 
experimentally significant. 


D. Solution including Transient Terms 

If it were possible to create A molecules at random positions in a solution 
of B molecules, the instantaneous value of c, would be c,. It would fall rapidly 
to the value given by equation (7), the instantaneous flux at any time being 
given by equation (6). Thus the reactivity of newly created A molecules is 
greater than that attained in the steady state described above. 

The mathematical description of this situation is identical with that of heat 
flow into a sink, and the necessary equations have been solved*. The solution 
in terms of our nomenclature is 


| 
J 


(2.10) 


erfc x 


x 


Useful series expansions are 


erfc x 


erfc x 


re — 
k 
where 
4 
— — — | en? dx + 
V7 2 3 10 
3 
2x*  4x* 


138 RICHARD M. Noyes 


Of course limiting values are 
erfcoO = | (2.14) 
erfc o = 0 (2.15) 
For normal liquids and molecular sizes and for a fast reaction, the 1/2x* 
term in equation (13) will fall below 0.01 in less than 10-™ sec. For A molecules 
that have lived longer than this, the reactivity is described by a time-dependent 
rate constant, k,, given by 


ky 


4p D’ p 


(2.16) 
ap D’ 
k 
This equation was developed in almost the same form by Smoluchowski*. 
Times as great as 10~’ sec may be necessary before k, differs by less than one 
per cent from the steady-state rate constant k’ given by equation (8). 


Ill. DEVELOPMENT BASED ON BEHAVIOR OF MOLECULAR PAIRS 


A. Formulation of Problem 


Let us postulate an imaginary system containing concentrations c,° of A 
and c,° of B. Just as in the treatment of Section 2, let us also postulate that no 
reactions actually take place but that it is possible to designate as a ‘reaction’ 
whenever an A and a B molecule get into a situation where they would react if 
the system were a real one. 

The total distribution of A and B molecules in the imaginary system will be 
just that predicted by conventional equilibrium statistics including the inter- 
molecular forces, if any. The total rate of ‘reaction’ will be ke,®c,® where k is 
the rate constant applicable for an equilibrium molecular distribution. Let ¢, 
be the number of ‘reactions’ per unit volume between times 0 and ¢ such that 
neither the A nor the B molecule involved has previously ‘reacted’ during this 
time interval. Then c, is the concentration of ‘reacted’ A molecules and also 
the concentration of ‘reacted’ B molecules, and dc,/d¢ is the rate at which 
reaction would take place in a real system that was identical with the imaginary 
system at time zero. This rate can be written as 

de,/dt = k(c,® — — (3.1) 
where k, is the rate constant applicable at time ¢ and is not necessarily identical 
with k. 

Equation (1) gives the rate of reaction in the real system. In the correspond- 
ing imaginary system, there are four additional types of ‘reaction’ none of which 
will be observed in the real system that was identical at time zero. 

(a) Some ‘reactions’ involve A molecules that have previously ‘reacted’ at 
least once and B molecules that have not; the rate of these at time ¢ is 
KAcy® — 
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(b) Some ‘reactions’ involve B molecules that have previously ‘reacted’ at 
least once and A molecules that have not; the rate of these at time f is 
k — 

(c) Some ‘reactions’ involve A and B molecules both of which have ‘reacted’ 
since time zero but which have not ‘reacted’ with each other during that time. 
The rate of these at time ¢ is k,c? provided any particular A molecule has 
‘reacted’ with only an infinitesimal fraction of all the B molecules that have 
‘reacted’. This restriction will apply whenever the corresponding real system 
is of any interest whatsoever. 

(d) Finally, some ‘reactions’ will involve A and B molecules that have 
‘reacted’ with each other since time zero. Let h(t) dt be the probability that a 
pair of molecules in infinite volume that have previously ‘reacted’ with each 
other will undergo their first subsequent ‘reaction’ with each other between / 
and ¢ +- df later. Since the total rate of ‘reactions’ of all types is constant and 
is ke,®c,®, the rate of these repeating ‘reactions’ at time 7¢ is given by 

ke. dt’ where is a time between zero and /. 

If we equate the total rate of ‘reaction’ in the imaginary system to the sum 
of the rates of all types, we obtain 

kegew = c,) CC, 4 Ce, 

kc? t+ | A(t’) dt’ (3.2) 
0 


This equation rearranges easily to give 


k(1 — ar’) (3.3) 


The above argument is consistent with the development of Section 2 in that 
it predicts that reaction in a real system must be described by an apparent rate 
constant that initially equals that predicted by equilibrium statistics but that 
will fall rapidly to a smaller value. Section 2 described the change by equations 
concerned with diffusion along a gradient of concentration. The argument of 
this section shows that the same effect can be described in terms of the behavior 
of an isolated pair of molecules. Although the two arguments are necessarily 
equivalent, they give different insights, and the argument from pair behavior 
offers some advantages for introducing the effects arising when finite diffusive 
displacements and intermolecular forces are recognized. 


B. The Steady-State Solution 
Let f’ be the probability that a particular pair of molecules that have 
‘reacted’ in an imaginary system of infinite volume will ever ‘react’ with each 
other again. Obviously 
[ h(t) dt (3.4) 
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Even though the integral is taken over an indefinitely large time, f’ will be less 
than unity in a three dimensional system because the available positions in 
space involve a higher order of infinity than does time. 
At sufficiently long times, the reactivity in a real system can be described 
by a limiting rate constant, k’ where 
= — p’) (3.5) 
This equation is appropriate for comparison with equation (2.8) of the previous 
section. 


C. Time-Dependent Reactivity; the Transient Terms 


At times too short for attainment of the steady state, application of equation 
(3) requires knowledge of the form of A(t). If relative displacements of two 
molecules are randomly directed at all molecular separations, the theory of 
random flights as presented by Chandrasekhar® predicts that the frequency of 
re-encounters by unreactive molecules would be of the form (pe~*/*)/13/2 where 
tis the time since an encounter and where p and g are constants. The derivation 
is for any subsequent encounter regardless of whether the molecules have 
undergone a previous encounter since time zero, and it is not quite applicable 
to A(t) where a reaction cancels any subsequent interest in the behavior of the 
molecular pair. However, it will be a good first approximation to assume that 
h(t) does obey this form. If it also satisfies equation (4), then 


ae~** 
h(t) = (3.6) 
13/2 


where a is a parameter having dimensions time’’?. A series expansion gives 


j | 4 


Substitution into equation (3) gives 
k, = k(1 — p’ erfe y) (3.8) 


where 


(3.9) 


BN tt 
Of course equation (8) can appropriately be compared with (2.10). If equa- 
tion (8) is expanded and only the term in y to the first power is retained, 
k, = — + 2a/y/t) (3.10) 


This equation is directly comparable with equation (2.16). 


IV. 


COMPARISON OF DEVELOPMENTS 


A. Relationship of Parameters 


Sections 2 and 3 start from rather different viewpoints but develop very 
similar equations describing molecular reactivity as a function of time. Each 
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development uses three parameters. The rate constant, k, appropriate to an 
equilibrium statistical distribution of molecules is a parameter common to both 
developments. The development of Section 2 also uses p (the sum of molecular 
radii) and D’ (the diffusion coefficient for relative molecular motion). The 
development of Section 3 uses /’ (the probability of subsequent reaction by an 
isolated pair that have encountered each other once) and a (a parameter de- 
fining the time dependence of this subsequent reactivity). 

Equations (2.8) and (3.5) can be compared directly. Equations (2.10) and 
(3.8) are not of exactly identical form, although they become identical to equa- 
tions (2.8) and (3.5) at infinite time. If they are expanded in series of 1/1'/* and if 
only first order terms are retained, resulting equations (2.16) and (3.10) are of 
identical form. As was discussed in Section 2, this order of approximation is 
usually valid to better than | per cent for times greater than 10-™ sec. The 
failure to get exact agreement between zero and 10~™ sec is probably related 
to the approximation of using equation (3.6) for A(t) and is unimportant for 
currently conceivable experimental applications. 

If equations (2.16) and (3.10) are both valid, the parameters of one treatment 
can be expressed in terms of those for the other. The parameters of Section 3 
then become 

k/4rpD’ 
D’ 


(4.1) 


4mpD’ k 


a D’ 


Similariy;ghe parameters of Section 2 are 


k(1 


py 


D’ (4.4) 
Since the quantities p and D’ are more susceptible to experimental measurement 
than /’ and a are, equations (1) and (2) constitute the more useful pair. 

An interesting consequence of equations (2.8) and (4.1) is 


k’ = (4.5) 


This differs from the equation k’ = 47pD’ that is obtained from the conven- 
tional Fick’s law solution with the boundary condition c, = 0, but the two 
equations become identical for a diffusion-controlled reaction if diffusive dis- 
placements are negligible compared to molecular dimensions. 
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B. Assumptions Inherent in Concentration Gradient Development 


The development of Section 2 assumed that chemically reacting systems 
could be described in terms of Fick’s laws with diffusion coefficients independent 
of concentration. Mathematical analysis demonstrates that these laws describe 
the diffusive behavior that would be observed in a system in which molecules 
were undergoing high frequency infinitesimal displacements in completely 
random directions. Treatments based on Fick’s laws are subject to question 
to the extent that real systems deviate from this model. Several assumptions 
are inherent in the treatment adopted here, and their consequences deserve 
examination: 

(a) The diffusion coefficient was assumed to be independent of the separation 
of A and B molecules. This assumption is usually an excellent approximation, 
but it may not be strictly accurate for reactions of ions at concentrations where 
ionic atmosphere effects are important. 

(b) Although Fick’s laws assume an indefinitely high frequency for diffusive 
displacements, the frequency in real liquids is finite. In ordinary liquids, the 
frequencies are certainly as high as 10"! sec~' and may be as high as 10" sec~'. 
Quenouille® showed that for times greater than necessary for about five dis- 
placements the behavior of an individual system approximates very closely 
that predicted by Fick’s laws. Since the development of Section 2 sets 10-™ sec 
as the minimum time at which the series expansion of equation (2.16) is valid, 
finite frequencies do not significantly affect the treatment. 

(c) A more serious potential problem is posed by the assumption that 
diffusive displacements are short compared to dimensions of interest. Reaction 
is regarded as diffusion into a sink the size of a single molecule, and diffusive 
displacements in liquids can hardly be negligibly small compared to molecular 
dimensions. Frisch and Collins’ considered the growth of aerosols aejd decided 
that Fick’s laws were applicable even when individual displacements were larger 
than the trapping sinks. This analysis indicates that the assumption we have 
made is essentially valid. 

(d) Probably the most serious difficulty involves the assumption that dis- 
placements are always randomly directed and are not correlated with position 
or with the directions of immediately preceding displacements. Complete 
randomness requires that the solvent be a homogeneous isotropic continuum. 
For an isolated solute molecule, the assumption is valid in the sense that unless 
there is specific information about the distribution of neighboring solvent mole- 
cules there is no a priori reason to favor any direction for the next displacement. 
However, when two solute molecules are separated by a specified distance of 
the order of molecular dimensions, the probable distribution of surrounding 
solvent molecules will not be isotropic and will predispose certain directions 
for the next relative displacements of the solute molecules. The situation has 
never been treated by a detailed theory, and failure to consider it undoubtedly 
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influences the exact numerical validity of equations based on Fick’s laws. 

(e) The development of Section 2 specifically neglects all intermolecular 
forces for solute molecules not in contact. This neglect probably is not very 
serious if the forces are comparable to solute—solvent interactions, but serious 
errors will be inherent in the application of these equations to fast reactions 
between ions. Such applications are discussed in Section 6 below. 

(f) The mathematical development regards an A molecule as a stationary 
sink around which a concentration gradient of B molecules is established. 
However, the A molecule is diffusing itself and changes position signifi- 
cantly in times comparable to those needed to establish the concentration 
gradient. 

If a single pair of A and B molecules are considered, and if only relative 
positions are of concern, the behavior of the pair is identical to that if the A 
molecule is stationary and the B molecule moves with a diffusion coefficient 
equal to the sum of the coefficients of A and B molecules. It is not immediately 
obvious that the same mathematical treatment is permissible for an A molecule 
in a medium containing many B molecules. Motion of the A molecule in one 
direction is then equivalent to an equal correlated motion of all the B molecules 
in the opposite direction, but the mathematics regards all motions of B molecules 
to be uncorrelated and taking place about a stationary A molecule. If all 
displacements are randomly directed in space, it may well be that the behavior 
of a large number of molecules relative to a fixed reference point will be the 
same whether a significant fraction of the displacements are correlated in direc- 
tion and time or whether individual displacements have the same magnitude and 
frequency but are completely uncorrelated. | am not aware of a rigorous 
answer to this question. 

(g) The development of Section 2 treats each A molecule as a sink in a 
spherically symmetric distribution of B molecules that extends indefinitely and 
until its concentration attains the value c,. The presence of other A molecules 
in close proximity disturbs this approximation, and the flux into a parti- 
cular sink will be somewhat less than it would be if no other sinks were 
present. 

The general problem was discussed by Frisch and Collins’, but a more 
qualitative consideration is sufficient for most applications. The maximum 
possible effect will arise when reaction is so efficient that c, is negligibly small. 
Then equation (2.5) becomes 

(4.6) 


If perturbations of up to one per cent are permissible, two sinks will not interfere 
with each other when the separation of A molecules is greater than about 200 p. 
For the reaction of single molecules, these average separations are attained at 
concentrations less than 10~* mole/l. If perturbations of 10 per cent are not 
serious, the limiting concentration is about 10-* molar. These limits would 
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impose rather severe restrictions if they applied to all reactions; however they 
probably are never even approached by the more dilute reactant if the rate is 
truly controlled by diffusion. 

(h) Any application that calculates a rate constant will use é, the average 
concentration of B molecules in the solution. The development of Section 2 
equates this quantity to c,. If equation (6) is integrated throughout a sphere 
of radius r where r > p, 


= (4.7) 


The development of Section 2 assumes an idealized situation of very dilute 
concentration of A and concludes that k’ = ®/c,. For finite concentrations 
of A, the argument of (g) points out that the real flux will be less than the ideal- 
ized one, and the argument of (h) says that the smaller quantity ¢ should be 
substituted for c,. The two effects oppose each other, and the effect of finite 
A concentration will not be serious. The argument does not place any restric- 
tion on the concentration of B molecules. 


C. Assumptions Inherent in General Molecular Pair Development 


The development of Section 3 led by very general arguments to equations 
(3.3) and (3.5) for the rate constants k, and k’. The arguments are so general 
that the treatment apparently contains only two approximations, both of 
entirely trivial significance: 

(i) The treatment assumes that the number of B molecules in the imaginary 
system is so large that any particular A molecule will have ‘reacted’ with only 
an infinitesimal fraction of them. Molecular numbers are so large in any system 
of possible interest that this approximation will hold in the imaginary system 
until reaction is so complete in the real system that it cannot be followed 
further. 

(j) The function A(t) was defined for a pair of molecules in an infinite 
system and then applied to a system of finite volume. In the finite volume, a 
given pair of molecules must ultimately react with each other, and the integral 
in equation (3.4) will eventually become unity. However, we have shown that 
in normal liquids the steady-state value will be approached very closely within 
10-? sec. The fact that the volume is finite will cause a slight change in this steady 
state. However, for a pair of halogen atoms in a volume of | ml, the half-life 
for change in this steady state will be about three centuries; it will be propor- 
tionately longer for larger volumes or less reactive species! 

Since the approximations are so trivial for the molecular pair development 
of Section 3, and since the concentration gradient development of Section 2 
gives an equation of the same form regardless of the concentration of A mole- 
cules, it would appear that the approximations of (g) and (h) above do indeed 
cancel each other out exactly and can be disregarded. 
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D. Assumptions Inherent in Specific Molecular Pair Development 


Although equations (3.3) and (3.5) are of magnificent generality and validity, 
they suffer the usual fault of very general developments that they are expressed 
in terms of parameters that cannot be measured directly. Application to experi- 
mental measurements inevitably involves approximations and assumptions 
comparable to those inherent in the development based on Fick’s laws. 

The treatment applied in this paper was to express A(‘) in the form of 
equation (3.6). This form is the mathematical consequence of assuming a 
large number of randomly directed displacements and hence implicitly makes 
the assumptions discussed under (b), (d) and (¢) above. Two additional assump- 
tions also seem to be involved: 

(k) Equation (3.6) allows B molecules to move anyw here in space. Since 
the center of an A molecule is at the origin of the coordinate system, the centers 
of B molecules are ipso facto excluded from a sphere of radius p around this 
origin. This exclusion is not important for application to a reaction that Is 
truly diffusion controlled, but it might have significant effect if A and B molecules 
did not react at every encounter. 

(1) Equation (3.6) assumes that the time dependence of reactivity of a 
particular pair is proportional to the time dependence of encounters calculated 
if there were no possibility of reaction. However, once a specific pair has 
reacted, we are not interested in the possibility of reaction again during one 
of the subsequent encounters permitted by the form of equation (3.6). A more 
rigorous expression for h(t) would have to integrate to satisfy equation (3.4) 
just as equation (3.6) does, but the more rigorous expression would be larger 
at very short times and smaller at longer times, the effect being more significant 
the more nearly reaction of A and B was truly diffusion controlled. Probably 
mathematical techniques exist for expressing A(t) more precisely, but I have not 
tried to think through the detailed implications of this assumption. At modera- 
tely long times, the correct expression must necessarily be of the form A(t) 
a/t®, and the discussion of transient terms in Section 7 shows that the form at 
very short times has little importance to experimental applications. 


V. MICROSCOPIC MODELS BASED ON RANDOM DISPLACEMENTS 


A. Microscopic Parameters 


The discussion of Section 4 shows that the previous detailed developments 
were based on the assumption that relative diffusive displacements are randomly 
directed regardless of the separation of centers of a pair of A and B molecules. 
Although this assumption cannot possibly be rigorous in a solvent containing 
molecules of finite size, it is an approximation that lends itself to facile mathema- 
tical treatment and that has been the basis of most of the previous theoretical 
developments. It is therefore appropriate to discuss fast reactions in terms of a 


_| 


146 RICHARD M. Noyes 


microscopic model embodying the assumption of randomly directed displace- 
ments. 
The treatment will require certain microscopic parameters not needed in the 
previous developments: 
x = probability an A and B molecule will react during an encounter. 
average frequency of diffusive displacements by an A molecule. 
v, + ¥, = average frequency of relative diffusive displacements by a 
pair of A and B molecules. 
root-mean-square displacement distance by molecule A. 


V + + = root-mean-square displacement distance 
for relative diffusive motion. 


B. Application to Concentration Gradient Development 

If diffusive displacements are truly randomly directed in space, the solvent 
becomes effectively a homogeneous isotropic medium and the rate constant for 
encounters of inert solute molecules will be identical with k,, the rate constant 
for collisions of molecules of the same size and mass calculated for that tempera- 
ture by the simple kinetic theory of gases. If the reaction is of the type A + B— 
products, and yu is the reduced mass given by 

mamp 


(5.1) 


ma My 

then 
k = ak 


ap*V (5.2) 


where k is the Boltzmann constant. If the reaction is of the type 2A — products, 
should be replaced by 
If D, is the diffusion coefficient of species A, Einstein® has shown that for 
random diffusive displacements 
D, = 
Then 
D, + Dz = 


Substitution into equations (2.8) and (2.16) gives 
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Of course these equations have introduced the three parameters z, v and o 
in place of the two parameters k and D’; hence they do not represent any 
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improvement in applicability. However, they serve to relate the rate constants 
to the fundamental parameters of importance for the microscopic description 
of a system. 


C. Application to Molecular Pair Development 

Let # be the probability that a specific pair of molecules that have undergone 
an encounter in a system of infinite volume will subsequently encounter each 
other at least once. Then f’, the probability this pair will subsequently react 
with each other, is given by 


B’ = af + aff — + aff — +... + aff — 
(5.7) 


Noyes® showed that to a very good approximation the theory of random 
flights predicts that if p > o then 


(5.8) 


By an argument that was not strictly valid at very short times, he also arrived 
at the approximation 


a =a(1 — 27/89 (5.9) 


Substitution of these relations into equations (3.5) and (3.10) gives 


Sark’ 


1 + 
(5.11) 


Equations (10) and (11) are not superficially identical with equations (5) and 
(6). They can be made identical for small o if we replace equation (2) by 
k = mp*ave (5.12) 
where vo is the average velocity of molecular motions contributing to diffusion. 
If there is an energy barrier to diffusion, two molecules may undergo several 
quasi-vibrational collisions during an encounter; « is then the total probability 
of reaction during the encounter. The rate constant, k, from this model is not 
exactly the rate constant calculated for a truly equilibrium distribution of 
reactants because it does not require an equilibrium distribution of molecules 
actually undergoing encounter. 
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An alternative model is to regard the solvent as a continuum in which rela- 
tive diffusive displacements are truly randomly directed regardless of the separa- 
tion of two molecules and in which there is no energy barrier to displacements. 
For this model 

vo = V 8kT/7u (5.13) 
where vo is again the average relative velocity of two molecules. 

For this substitution also, the results of the two developments become 
identical if we assume 3p > o. The concentration gradient development contains 
the inherent assumption that diffusive displacements are small compared to 
dimensions of interest, and equations (10) and (11) are probably to be preferred 
to (5) and (6) when this assumption is violated. 


VI. CORRECTIONS FOR MOLECULAR INTERACTIONS 


A. Development Including Long Range Forces 
If the potential energy, U, of a molecule is a function of its position in a 
solution, Fick’s first law of diffusion becomes 
dn de 4 
— = DA|— + (6.1) 
dt Ldz 
where k is the Boltzmann constant and the other symbols have the same meaning 
as in equation (2.1). 
For the steady-state situation, 


dr kT dr 


where ® is again the net average flux of B molecules toward an A molecule as a 
result of chemical reaction in the system. If U is a function only of relative 
molecular positions and of bulk concentrations and is notinfluenced by deviations 
from equilibrium molecular distributions, the solution of this linear differential 


equation is 
q vier Or | 
D er 
where U is defined to be zero at infinite separation. 
Again let k’ be the rate constant observed for the steady-state situation and 
let k be the rate constant that would apply if the reaction were slow enough 
that c, = c,e~"**” as predicted by equilibrium statistics. Then 
ke 
(6.4) 


c,e e/kT 


(6.3) 


4x p* D’ 
k 


(6.5) 
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This form of equation was first derived by Debye 

These equations can be applied to reactions like those between ions where 
there are long range forces between reactants. The derivation assumes that the 
potential U is independent of the concentration c, which of course is true only 
for extremely dilute solutions. However, it is possible to define U by equations 
that take account of ionic atmosphere effects as treated by Debye—Hiickel theory. 
Although the ionic distribution around reactive molecules is not quite the 
equilibrium one calculated by Debye-Hiickel theory, the influence on U is 
probably not serious. It could if necessary be taken care of by a self-consistent 
field type of calculation. 

These equations could even be made to take account of changes in dielectric 
constant due to dielectric saturation in the neighborhood of an ion. In fact, 
the equations are general enough that successful application is limited chiefly 
by gaps in our understanding of intermolecular forces in solution. 


10 


B. Short Range Influences of Solvent Molecules 

The location of an A molecule at any specific position ipso facto influences 
the distribution of solvent molecules in the immediate vicinity. This influence 
on solvent distribution means that the potential energy of a B molecule will be 
a function of separation from the A molecule quite aside from any long range 
forces between the A and B molecules and even for a ‘billiard ball’ model 
assuming no forces between molecules not in contact. If the molecular distri- 
bution function is known for a system of interest, it is possible in principle to 
use it to define the potential function U necessary to account for such a distri- 
bution and to make the appropriate substitution in equation (6). 

This sort of detailed application has never been carried out, and even such 
a treatment would be an approximation that neglected the effects arising because 
diffusive displacements are finite. The theoretical treatment of these systems is 
not in a satisfactory state, and it is my personal opinion that the prospects of 
eventual solution are better if attention is focused on the application of equation 
(3.3) to a theory describing the behavior of molecular pairs rather than if 
attempts are made to work the effects of finite displacements into the concentra- 
tion gradient development. 


C. Other Theoretical Descriptions 

The developments of this review have been presented with a minimum of 
mathematical complexity and have been presented whenever possible in terms 
of quantities that could be related to experimental measurements. During 
recent years, transport processes like diffusion and viscosity have received con- 
siderable theoretical attention. Specific applications to chemical reactivity have 
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been developed by several authors. These developments have consistently 
evidenced a higher level of mathematical sophistication than has the present 
review. When they can be related to the systems considered here, the equations 
developed by these other authors become identical with those presented above, 
and the greater generality of some of the other developments does not yet seem 
to be reflected in greater applicability to real systems. The following partial 
listing is included for persons interested in alternative mathematical viewpoints: 

Although Smoluchowski* was the first to develop a concentration gradient 
treatment of diffusion controlled reactions, he used the boundary condition 
c, = 0 when solving the differential equations. Although this boundary 
condition is frequently a good approximation and is still used by many authors, 
only after Collins* pointed out the correct boundary conditions was it possible 
to present a unified theory that covered the transition from conventional to 
diffusion controlled kinetics. 

Other treatments by Collins and co-workers':’:"!. have used integral equa- 
tions to treat distribution functions describing finite frequencies and magnitudes 
of diffusive displacements, but they have not considered the influence of solvent 
molecule distributions on the directions of these displacements. 

Monchick"® and Monchick, Magee, and Samuel" have been concerned with 
applications to radiation chemistry when large numbers of reactive species are 
created in small regions of a solution. The mathematical treatments are based 
on Fick’s laws but consider the fact that if B molecules can react with each other 
then the distribution functions of individual B molecules are not independent. 


The development of Section 2 above neglected this dependence, but the effect 
is not important except for the type of situation encountered in radiation 
chemistry. 

Waite"®.!® has set up a very general treatment based on Fick’s laws and then 
has tried to handle proximity effects by some very specific assumptions about 
the distribution and behavior of nearest neighbors. His interests concern 
applications in distorted lattices rather than in true liquids. 


VII. EXPERIMENTAL APPLICATIONS 


As long as it is impossible to provide a complete quantum mechanical 
description of a system containing many nuclei and electrons, there will be no 
description of chemical kinetics in terms of first principles. However, if the 
rate of a reaction in solution is determined solely by the rate at which reactants 
diffuse together, the details of electronic interaction during reaction are without 
kinetic significance. Experiments on such reactions provide direct tests of some 
of the simpler theories developed above, and any failure of exact correlation 
between theory and experiment can be used to indicate the more important 
factors to consider in theoretical refinements. The examples presented in this 
section provide very personal illustrations of some of the possible applications. 
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A. Recombinations of Atoms; the Steady-State Solution 


To the extent that Fick's laws are applicable, it was shown in Section 2 that 
the rate constant for reaction in a steady-state system is given by 


D’ 
D’ 

If there are no long range interactions and if reaction takes place on every 
encounter of potential reactants, k can be calculated from equation (5.2). If p, 
D’, and k’ are capable of independent measurement, equation (1) predicts an 
exact relationship without disposable parameters. Hence measurement of the 
three quantities would provide a specific test of the applicability of the Fick’s 
law development to these microscopic systems. 

Probably the recombination of atoms in an inert solvent is the type of 
reaction best suited to provide such a test. The reactive species are spherically 
symmetric, and reaction should take place at every encounter because the 
ubiquitous solvent molecules are always available to facilitate the energy 
transfers necessary if energy and momentum are to be conserved simultaneously. 
The sizes of the atoms are known from crystallographic studies. The possibility 
of a test depends upon the independent measurement of k’ and D’. 

Values for the steady-state rate constant, k’, are available for the combination 
of photochemically produced iodine atoms in several solvents. If a solution of 
iodine is illuminated continuously, a state is attained for which 


oq = (7.2) 


where ¢ is the quantum yield for complete separation of the atoms originally 
present in a molecule, g is the rate of absorption of quanta by iodine, and I is 
the steady-state concentration of free iodine atoms that are not destined to 
recombine with their original partners. An additional relation in the same 
system is 


k’ = (7.1) 


. 


where 7 is the average lifetime of atoms that escape their original partners. 
For a solution absorbing light at a known rate, g, the measurement of any 
two of the other quantities is sufficient for the calculation of all; measurement 
of more than two permits a test of the validity of the measurements. All four 
quantities have been measured for iodine in some solvents. The total photo- 
stationary concentration of free atoms was measured spectrophotometrically 
by Rabinowitch and Wood"’. Arguments based on magnitudes of various 
quantities demonstrate that an insignificant fraction of those observed subse- 
quently recombined with their original partners; the observed values can be 
equated with I of equation (2). Zimmerman and Noyes'*® and Rosman and 
Noyes'*® measured the average lifetime, +r. The method employed a rotating 
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sector to produce light that was intermittent in time, and changes in average 
atom concentration were followed by changes in the rate of isotopic exchange 
with trans-diiodoethylene. The quantum yield, ¢, was determined by Lampe 
and Noyes*®; they used an air saturated solution of allyl iodide as a scavenger 
for the iodine atoms produced. Finally, flash photolysis techniques have been 
used by Marshall and Davidson, by Strong and Willard** and Aditya and 
Willard® to obtain the rate constant, k’, directly. The consistency of the four 
types of measurement has been discussed by Rosman and Noyes!*. The flash 
photolysis method in hexane differs by about a factor of two from the predictions 
of the other three measurements, but all methods agree well in carbon tetra- 
chloride. For this solvent at 25°, k’ is known with a confidence that might 
reasonably be as good as 10 per cent and is almost certainly better than 25 
per cent. 

The measured values of k’ are of the magnitude predicted by equation (1) 
for reasonable estimates of diffusion coefficients. However, a test of the equation 
requires an independent measurement of D’, which is twice the diffusion 
coefficient of iodine atoms in the appropriate solvent. Although conventional 
diffusion techniques cannot be applied to these reactive atoms, it is possible to 
obtain the desired information by studying the effects of steady illumination 
with a light pattern that is intermittent in space. The appropriate theory has 
been discussed by Noyes*’, and measurements are currently in progress at the 
University of Oregon. 


B. Scavenging of Radicals; the Transient Terms 

Radical species are often produced in pairs by a thermal or photochemical 
process. These radicals may subsequently recombine either with their original 
partners or with radicais from other dissociations, and also they may often 
react with other species called scavengers. Because the radicals are initially 
produced in pairs rather than in random distribution, certain complexities arise 
in the competition of radical-radical and radical-scavenger reactions. These 
complexities involve the very factors that lead to the time-dependent rate 
constant expressions discussed in previous sections, and measurements of 
scavenger efficiency can provide information on relative rates of processes 
taking place during very short time intervals. 

The argument presented here was developed by Noyes*. It is not entirely 
rigorous, but the mathematical simplifications do not have serious effects. A 
more exact treatment of the problem has been submitted for publication in the 
Journal of Physical Chemistry. 

Let the radical initiation process be written 


A — Ry: + Ry: (+B) (7.4) 


This process may be thermal or photochemical. R- denotes a radical, and the 
subscript zero is used to distinguish a species coming from the dissociation of a 
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specific A molecule of interest. The species B is introduced because some 
compounds like azonitriles and acyl peroxides dissociate to form unreactive 
molecules in addition to the free radicals, while other molecules like halogens 
and alkyl peroxides form only radicals in the initial dissociation. 

The possible fates of the radicals can be represented by the processes 


Ry: + Ry —>R, (7.5) 
R, +S—>P (7.6) 
R, + R:—>R, (7.7) 


Equations (5) and (7) represent reaction with an original partner or with a 
radical from a different dissociation. Although the products are indistinguish- 
able, the kinetics of the two processes are different. 

No features of particular kinetic interest are introduced by the competition 
of processes (6) and (7). If the scavenger, S, is concentrated enough and reactive 
enough to compete significantly with process (5), process (7) will be repressed 
so effectively that it can be neglected. 

At moderately low concentrations of scavenger, process (7) may be effectively 
suppressed without competition with process (5). In this concentration range, 
a fraction £,' of dissociations will produce R, by process (5), and a fraction 
(1 — B,') will produce P by process (6). Here f,' is the probability of recombina- 
tion of original partners whose centers attain a separation r, in the initial 
dissociation process. Under these conditions, the distribution of products will 
be virtually independent of the concentration of S. 

At higher concentrations of scavenger, process (6) may compete with process 
(5). Because of this competition, a certain fraction of radicals that would other- 
wise have recombined with their original partners will react with scavenger 
instead. This fraction is 


x“ t 
[ ho{t)| 1 — exp ar’) | dt (7.8) 
) “0 


In this expression, /,(f) dt is the probability that in the absence of scavenger 


a pair of original partners will recombine between ¢ and ¢ + dt, while 


| — exp | - 2k Cs dr’) is the probability that at least one of the two radicals 


will already have reacted with a scavenger during the time between zero and 1. 

A rigorous treatment must recognize that k, is a function of time. However, 
if only first order terms are considered, and if A(t) is approximated by an 
equation of the form of (3.6), then the fraction in equation (8) is 2a(2nk,'c,)* 
where k,’ is the limiting steady-state rate constant for process (6). 

This development predicts that as the concentration of scavenger increases 
the yield of P should increase linearly in the square root of c,, and the rate of 
increase can be related to the parameter a that defines the importance of the 
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transient terms in the treatment of fast reactions. This parameter is related 
through equation (5.9) to the parameters describing diffusive motion. 

Roy, Hamill and Williams* also developed arguments predicting linear 
dependence of scavenger yield on the square root of scavenger concentration 
and relating the constants to parameters of diffusive motion. 

Recently Trapp and Hammond” have shown that liquid bromine as a 
solvent can completely inhibit the recombination of original partners during the 
thermal decomposition of azoisobutyronitrile, R—N==-N—R. If the solu- 
tion were diluted with small concentrations of an inert species like carbon 
tetrachloride, it should be possible to use this interesting system to study the 
competition of processes (5) and (6) in the region where the yield is no longer 
dependent on the square root of the concentration of scavenger. 


C. Quenching of Fluorescence; the Transient Terms 
The time dependence of a rate constant also influences the kinetics of the 
competition between a bimolecular and a unimolecular reaction of an excited 
molecule. Such a competition is illustrated by the quenching of fluorescence 
in solution which was discussed by Noyes**. 
The processes of interest are 
A + hy —+ A* (7.9) 


A® —> A + hy’ (7.10) 


A*+@Q uenching (7.11) 
q 


Let F be the probability that an excited molecule produced at time zero has 
neither fluoresced nor been quenched by time r. Then 


| 4 ar’) | (7.12) 


where k, is assumed to be independent of time but k, is a function of the time 
since the molecule was excited. If fis the fluorescent intensity in the presence 
of quencher and /® is the intensity in the absence of quencher, 


fife k,F dt (7.13) 


It is also customary to define a quenching ‘constant’, k,,, by the relation 


Kex (7.14) 
cQ 


The development of Section 3 predicts that 


ky — erte* 
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where °K, is the quenching rate constant if quencher molecules be distributed 


as predicted by equilibrium statistics. Appropriate mathematical manipulation 
of these equations gives 


J 
kestq = (7.16) 


6.28L.cq ) 


4K*c,,? 


J = — = k,'/k, (7.17) 
K = a°k,Jk,} (7.18) 
L = (7.19) 

If equilibrium statistical distributions are applicable, k,. = J and is inde- 
pendent of quencher concentration. For very fast quenching reactions, the 
treatment predicts that k,, increase with increasing quencher concentration. 
Effects of this sort have been observed by Bowen and Metcalf®® for the quenching 
of anthracene by carbon tetrabromide in hydrocarbon solvents exhibiting a 
wide range of viscosities. They have also been observed by Williamson and 
LaMer” for the quenching of uranin by aniline. The effects observed experi- 
mentally are about twice as great as those predicted by the present development, 
and the discrepancy has not been resolved. 

Very similar equations were derived independently by Weller®. The studies 
of Férster, Weller and others at the Technische Hochschule in Stuttgart® have 
been directed toward measuring rate constants of fast protolytic reactions of 
electronically excited molecules rather than toward studying the problems of 
rate theory raised in this review. 


D. Quantum Yields for Dissociation; the Effects of Solvent Structure 


As discussed previously, one of the major current difficulties is to account 
quantitatively for the effect of solvent molecule distribution on the relative 
behavior of two potential reactants when they are very close to each other. If 
molecules are dissociated photochemically into reactive fragments, the chance 
of escape of original partners from each other will be increased by greater 
energy of the absorbed photon and will be decreased by greater viscosity of the 
medium. Quantitative measurements can be used to indicate the influences of 
solvent molecules on short range interactions. 

Noyes® has developed a theory that treats the solvent as a conventional 
structureless continuum. Let a molecule consist of two identical atoms of 
radius 6 and let ¢ be the minimum energy necessary to cause dissociation. 
During photochemical dissociation, the energy hv — « is distributed equally 
as initial kinetic energy of the atoms separating in opposite directions. Because 
of viscous drag by the solvent, the velocity, u, of an atom will be decreased 


according to the relation 4 
= = 6rnbu/m (7.20) 
t 


where 
l 
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where 7 is the viscosity of the medium and m is the mass of an atom. If r, is the 
separation attained by the centers of the atoms before random diffusion begins, 
then 


= 2b 4 Vv m(hy — e) (7.21) 
3anb 


The probability of subsequent recombination varies inversely as this separation, 
so the quantum yield, 4, is given by 
(7.22 


4 
2bp 


The quantity f° can be estimated by a similar argument on the assumption 
that thermal dissociation produces two atoms separating with an average 
kinetic energy component of 3k7 along the line of centers. Then 


= (7.23) 
Vv mkT/24 


777) b? 


This theory has been applied to the dissociation of iodine in inert solvents. 
Booth and Noyes™ studied the quantum yield at one wavelength in hydrocarbon 
solvents varying by a factor of 10° in viscosity, and Meadows and Noyes* 
studied the effects of changing wavelength in two solvents. Despite the crude 
assumptions that entered the development, the theory predicts the magnitudes 
of the quantum yields remarkably well. 

However, there are quantitative discrepancies that suggest magnitudes of 
proximity effects. Thus at long wavelengths the observed quantum yields are 
less than predicted because surrounding solvent molecules tend to force together 
iodine atoms whose peripheries have been separated by less than half a molecu- 
lar diameter. At sufficiently short wavelengths, the observed quantum yields 
in hexane are greater than predicted. This observation suggests that when two 
iodine atoms attain sufficient separation then the most probable distribution of 
solvent molecules will tend to force the atoms apart rather than together. 

The theory also predicts that quantum yields should become very small for 
viscosities greater than about 0.1 poise. Observations at viscosities up to 3.8 
poise suggest that the quantum yield falls to a limiting value that is not affected 
by further viscosity increase; these results indicate that increases of molecular 
complexity beyond a certain level have little effect on the behavior of solute 
atoms even though the macroscopic viscosity may be considerably influenced. 


E. Reactions of Ions; Long Range Forces 


Many ionic reactions like neutralization and some complex formations have 
very low free energy barriers. Only recently has it been possible to make 
quantitative measurements of the rate constants of these very fast reactions. 


| 


Effects of Diffusion Rates on Chemical Kinetics 157 


The methods have involved single or periodic perturbations of an equilibrium 
system and the observation of the effects of the subsequent relaxation. The 
field has been greatly influenced by the elegant techniques developed by Dr 
Manfred Eigen of the Max Planck Institut fiir physikalische Chemie in Géttin- 
gen. An excellent summary of the present status of this work will be found in 
the March 1960 issue of Zeitschrift fiir Elektrochemie. 

Any correlation of theory and experiment must use formulas that include 
long range electrostatic interactions. The simplest approach is to treat the 
solvent as a homogeneous continuum of constant dielectric constant. Ultimate 
refinements will have to recognize ionic solvation and dielectric saturation in 
the vicinity of ions. 

The development of Section 2 predicted that rate constants might differ by 
| per cent from their steady-state values at times of the order of 10~* sec and 
by 10 per cent at 10-* sec. To date, most studies of fast ionic reactions have 
involved time scales such that the measured rate constants could be equated to 
the k’ of this review. Direct observation of the transient terms in k, will require 
apparatus with very short resolving times, but some such studies appear to be 
technically feasible. 

Because ions of opposite charge attract each other strongly at small separa- 
tions, the dissociation of a molecule into neighboring ions will lead to recombina- 
tion of original partners more frequently than during the dissociation of neutral 
molecules. Winstein and co-workers® have claimed at least two different stages 
of separation that can be followed by collapse of the ion pair and recombination 
of partners. Studies currently under way at the University of Oregon will use 
isotopically labelled common ions as scavengers in an attempt to establish the 
kinetics of these processes of ion pair collapse. The method may be more 
useful than the relaxation techniques for learning about the behavior of ions in 
proximity. 


F. Reactions in Solids and Glasses; the Expanded Time Scale 

In liquids of ordinary viscosity, the transient kinetic terms lose their impor- 
tance in less than a microsecond. Although modern electronic techniques 
permit studies in these short intervals, very special apparatus is necessary. In 
rigid glasses and solids, diffusion rates are slowed by several orders of magnitude. 
Such systems offer the possibility of studying diffusion controlled reactions 
during time intervals more consistent with the past experience of chemical 
kineticists. 

Norman and Porter*’ have shown that at liquid nitrogen temperatures some 
hydrocarbon-alcohol mixtures form glasses in which free radical species can be 
formed photochemically and trapped. Recombination takes place when the 
mixtures are warmed. These systems could be used for direct kinetic observa- 
tions of the recombination of original partners from photochemical dissociation. 
Interpretation might be somewhat complicated because during photochemical 


4 
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dissociation the excess energy of the absorbed quantum would ‘melt’ a region 
containing several solvent molecules. Recombination processes would be rapid 
until this excess energy could be dissipated, and the separations of the fragments 
actually trapped would not be distributed in the same way as if the fragments 
had been immobilized immediately after they lost the kinetic energy with which 
they separated. 

The present interest in semi-conductors has stimulated a lot of work on 
reactions of interstitial atoms and impurity centers in solids. These reactions 
exhibit time-dependent reactivity effects with easily accessible time constants. 
Thus Waite** has used arguments similar to those of this review to discuss the 
annealing of radiation damage in germanium. 


G. Radiation Chemistry; Extreme Time Dependent Behavior 

The arguments presented above have concerned kinetic effects arising because 
molecular distributions differ from those predicted by equilibrium statistics. 
These effects would arise during reaction even if the species A and B were 
initially distributed according to equilibrium predictions, but additional effects 
of interest arise when species capable of reacting with each other are produced 
in pairs by a thermal or photochemical dissociation. Since the development 
of Section 3 related kinetic behavior directly to reactive behavior of molecular 
pairs, these photochemical effects could be handled easily without extensive 
additional development. 

When high energy charged particles enter a system or are produced in it by 
the action of neutrons or gamma rays, localized regions are subjected to intense 
fragmentation. Many of the resulting ions and radicals react in the small region 
where they were formed, but some escape from it by diffusion. Reactivities of 
individual species are strongly dependent on times since formation. 

The treatment of such a complex situation is outside the scope of this review. 
A paper by Monchick, Magee, and Samuel" will serve to illustrate the problem 
and the types of mathematical approximation that seem to be necessary. 


VIII. SUMMARY AND SUGGESTIONS FOR FUTURE DEVELOPMENT 


Theories of fast reactions in solution are essentially fully developed for a 
model (a) that neglects long range forces between reactants, (b) that assumes 
diffusive displacements are small compared to molecular dimensions, and (c) 
that treats the solvent as a structureless continuum. The only question with 
regard to mathematical validity would seem to involve the stationary sink 
approximation discussed as point (f) in Section 4. 

Several applications of this simple theory have been developed for specific 
cases. The applications have not been worked out in full detail for the reactions 
of scavengers with radicals produced in pairs and for the competition of uni- 
molecular and bimolecular processes of excited molecules created at random. 
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However, the approximate solutions for these problems have considerable 
validity, and more exact solutions will be published in the near future. 

Of course the three basic assumptions of the simple model do not correspond 
exactly to the properties of real liquids. Some possible modifications of each 
assumption have already been recognized and are mentioned briefly below. 
Future refinements will undoubtedly be concerned with developing the theor- 
etical consequences of more realistic assumptions and with developing experi- 
mental techniques that can discriminate cleanly among the predictions of 
different models. 

(a) As was discussed in Section 6, long range forces between solute molecules 
can be treated in principle at least for the steady-state situation. Detailed 
application to ionic reactions will require new understanding of the forces 
between ions at small separations, and kinetic measurements will probably be 
instrumental in contributing to this understanding. 

(b) These theories probably would not be seriously modified by introducing 
the finite length of diffusive displacements provided these displacements were 
always randomly directed. The development of Section 5 is probably a reliable 
guide to the magnitude of effects arising from this source. The treatments 
by Collins and Kimball and by Frisch and Collins’ provide integral 
equations that introduce the effects of finite displacement distances more 
rigorously. 

(c) Undoubtedly the most serious theoretical difficulty for the description 
of real systems is the need to introduce the effects of discrete molecular structure 
of solvent on the behavior of potential reactant molecules that are very near 
each other. Even in the absence of specific intermolecular forces, relative 
diffusive displacements are not truly randomly directed. Although a rigorous 
mathematical treatment may be developed for this effect, there does not yet 
seem to be any inkling of the form it could take. The most encouraging 
theoretical development at present is the numerical method of Alder and 
Wainwright®*. These authors use high speed digital computing techniques to 
follow the behavior of ensembles of moderate numbers of molecules at known 
densities and temperatures and subject to specified interaction behaviors. 
Probably these results can be used to gain considerable insight of the detailed 
validity of the types of approximation discussed in this review. 

As was discussed in Section 7, several promising experimental techniques 
are available for study of fast reactions, but only rather meagre accumulations 
of data are yet available. As the body of experimental information grows, it 
will be possible to make several types of detailed comparison with theory. 
Since some of these comparisons involve absolute magnitudes without additional 
disposable parameters, they should test directly the confidence with which 
existing theories can be used to predict the behavior of real systems and 
they should thereby suggest the importance of additional theoretical 
refinements. 


RICHARD M. Noyes 
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I. INTRODUCTION 


The modern theory of salt effects derives from Bronsted’s conception of an 
activated complex through which a reacting system must pass". Figure | refers 
to a bimolecular reaction: A + B-+(A,B)-—> products; £,, the potential 


z 


energy of the system, is plotted against x, a critical distance which alters during 
the reaction, and the maximum of the curve is identified with the activated 
complex. The activation energy of the reaction is E = E, » — (Ex, + Ey); in 
an ionic reaction all these terms will vary with changes in the ionic strength of 


x 
Fic. |. 


the medium, whether brought about by altering the concentrations of the 
reactants or by adding indifferent electrolytes, and: AE = AE, , — AE, 
AE,. If ky = C.exp(—E/RT) be written for the velocity constant of the 
reaction under ideal conditions of zero ionic strength, and if it be assumed that 
C is unaffected by a change in ionic strength, then the velocity constant under 
some actual conditions becomes: k = C.exp(—E + AE/RT). 
These equations may be written: 
log ky = log C — E/RT 
log kK = log C — E/RT — AE/RT 
log k/Ky AE/RT = (AE, + AE, — AE, »)/ RT (3) 
AE, = RT log /,, and similarly for the other terms, 
kik =S (4) 


activity coefficient of the complex is not directly measurable, but its 
163 
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approximate value can be inferred from the fact that its charge is the algebraical 
sum of those of A and B. If the activity coefficient of an ion is represented by 


the equation: -log f, = A.z?. F(/) (5) 


where A is the Debye—Hiickel coefficient, z, is the valency of the ion and F(/) 
is some function of the ionic strength, equation (4) becomes: 

log k/ky = 2 Azazy F(/) (6) 


In very dilute solution (/ < 0-01) the Debye—Hiickel limiting law may be used 
to test this equation, F(/) being replaced by /'. At somewhat higher concentra- 
tions a linear relation may still be looked for between log k and (/* + B./), or 
some similar function, empirically based, of the ionic strength; here B is an 
adjustable numerical constant. 

Equation (6) predicts a positive salt effect if A and B carry charges of the 
same sign; a negative salt effect if the charges are of opposite sign; and a zero 
salt effect if either reactant is uncharged. Moreover the effect depends on the 
valencies of the ions and may be very large. An application of the equation 
to suitably chosen examples can therefore be quite spectacular, and a very well 
known diagram of Livingston and LaMer’s illustrates the successes of the 
theory®. 

In addition to the successful applications of the Bronsted theory, however, 
there have always been known many instances in which added electrolytes exert 
specific effects, on a reaction rate, which fall outside the Bronsted formulation. 
Some of these have been explained in the literature but other difficulties persist, 
and only recently a reaction has been studied in which specific effects exerted 
by both cations and anions ‘outweigh completely the long-range interactions 
described by the Debye—Hiickel equations.’ A fresh review of the evidence 
would therefore seem likely to be of interest; but before this is undertaken, 
equation (6) will be derived by a second method which will be useful in the 
later discussion. 

It is now generally accepted that an activated complex will be in reversible 
equilibrium with the reactant molecules throughout the course of an ordinary 
reaction, and that the rate of formation of the products of the reaction will be 
governed by the concentration of the reactive complex. Hence: 


K (7) 
and p= (3) 


Substitution of (8) in (7) gives: 
v=khKC,.C, Sst 
= ky (9) 


in agreement with equation (4); equation (6) can now be derived as before. 
In addition to the ‘primary salt effect’ which has been described, Bronsted 
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also distinguished a ‘secondary salt effect’ where A (or B) is an ion derived from 
a weak electrolyte, and its concentration is therefore altered by changes in the 
ionic strength of the solution. This effect is well-established and will not be 
further considered here. 


Il. REVIEW OF EXPERIMENTAL RESULTS 


Bronsted’s first paper on the subject pre-dated the Debye—Hiickel theory, 
and equation (5) was not available to him. He was only able to show at this 
time, therefore, that for numerous reactions the salt effect always had the sign 


e r - - -— 
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and the relative magnitude predicted by the theory. Quantitative tests rapidly 
followed the development of the inter-ionic attraction theory, and some of the 
reactions first used for this purpose will next be mentioned. 


A. [CoBr(NH,),}?* + OH- — [Co(NH,),OH}?* + Br 


This reaction at 15°C was studied by Bronsted and Livingston*, and was 
re-investigated by Olson and Simonson*. Their data are shown in Fig. 2. Here 
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log k is plotted against F(/) = — — 0-201), an empirical function of the 
ionic strength which has been found® to represent experimental ionic activity 
coefficients up to / = 0-1 within the accuracy of most kinetic data; the graph 
should therefore retain its linearity up to much higher concentrations than 
would a plot against /*. 

The Debye—Hiickel coefficient for water at 15° is A = 0-50, and z,4z, = —2, 
so to confirm the Bronsted equation the points of Fig. 2 should lie on a line 
with a negative slope of 2. The Bronsted—Livingston points are too scattered 
to show more than that the salt effect is a negative one of approximately the 
correct magnitude. Perhaps it can also be said that the rates in the presence of 
barium chloride tend to be lower than the others. Such an effect would be 
expected on account of the formation of BaOH* ion-pairs which would reduce 
the effective concentration of hydroxide ions; a similar kinetic effect has been 
observed by Bell and Prue®. 

Olson and Simonson used a modern spectrophotometer, and their data are 
reproducible within much closer limits. Their measurements with no added 
salts and with sodium bromide added fall on the straight line of theoretical 
slope shown in the figure down to an ionic strength of 0-004 (F(/) = 0-06). 
Below this their data show a regular falling away from this line. The authors 
derive an empirical equation which accurately reproduces their curve, but it 
seems reasonable to suggest that the well-known difficulty of working with very 
dilute alkali solutions is sufficient to explain the gradual drift to low values at 
hydroxide concentrations below 0-002 N. The remaining discrepancy, which is 
far outside experimental error, is the series carried out by Olson and Simonson 
in the presence of sodium sulphate. These measurements, marked in the figure 
by a broken line, will be discussed in detail in Section 3, where an explanation 
for the anomaly is offered. 


B. 2{CoBr(NH,),}** + + 2H,O = 2{(CoH,O(NH,), + HgBr, 


This reaction was also studied by Bronsted and Livingston*. The rate 
determining step is bimolecular: [CoBr(NH,),;}** + Hg** —, so that the reac- 
tion should have a large positive salt effect. This was found to be true, the rate 
being increased three-fold by raising the salt concentration to 0-03 N, and the 
data give striking confirmation, of a qualitative kind, for the Bronsted equation. 
The reaction is not a suitable one for a more searching test of the theory, 
however, on account of the well-known weakness of mercuric salts. Neither 
HgOH* nor HgNO,* is completely dissociated, and the effects of these species 
can probably be traced in Bronsted and Livingston’s results; added nitric acid, 
by suppressing hydrolysis, gives somewhat high rates, whilst neutral nitrates 
act in the opposite direction. Olson and Simonson have re-investigated the 
reaction using perchlorate in place of nitrate. Unfortunately mercuric per- 
chlorate appears to be a weak electrolyte, so that the same uncertainties are 
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here; E. W. Davies’ finds K = 1-0 x 10-* for the dissociation constant of the 
HgClO,* ion by a spectrophotometric method, and if this is correct HgClo,* 
would be the predominant species in these experiments. 


This is an uncomplicated second-order reaction for which accurate results 
at high dilutions have been obtained by LaMer, von Kiss and Vass, and others®. 


-03 


* Dote of LoMer ond Fessenden 
+ Dote of von Kiss and Voss 


F(T) 
Fic. 3. 


The data in dilute solutions of the sodium and potassium salts are shown in 
Fig. 3 and are in excellent agreement with the theoretical line of slope +2. On 
the other hand, when multivalent cations are present anomalies appear, and 
the reaction rate becomes markedly influenced by the nature of the cation 
present. These anomalies have been attributed to ionic association; a quanti- 
tative analysis of them is given in Section 3. 


D. $,0,2> + 21- + + I, 


This reaction is kinetically bimolecular and of the same ionic type as the 
preceding one. King and Jacobs® reported very good agreement with the 
Bronsted theoretical slope so long as the persulphate concentration was kept 
low; the ionic strength was raised by increasing concentrations of potassium 
iodide, potassium chloride, or magnesium sulphate. Later workers have found 
a number of anomalous effects. Howells'® reports that the salt effect is strongly 


C. CH,BrCOO- + S,0,?- CH,’S,0,-COO®- + Br- 
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dependent on the cation of the added salt and decreases in the series: Cs > 
Rb > K > Na > Li. Indelli and Prue™ not only confirm this order for potas- 
sium, sodium, and lithium chloride but find specific effects for the anions present 
as well. These are small, but if they are real they are very puzzling; for instance, 
the rate is greater in sodium perchlorate than in sodium chloride, but greater 
in potassium chloride than in potassium perchlorate. 


E. NO,:N-:COOC,H,- + OH- — N,O + CO,2- + C,H,OH 


The saponification of the nitro-urethane ion was studied by Bronsted and 
Delbanco™”. This is another reaction that shows specific salt effects. The 
simple reaction is in good agreement with equation (6), but as Olson and 
Simonson‘ point out, the rate in the presence of added salts is governed by the char- 
acter and concentration of the added cation rather than by the ionic strength. 


F. H,O, + 2H* + 2Br- > 2H,O + Br, 


The rate of this reaction is governed’* by the equation: —d[H,O,]/dt = 
k(H,O,][H*)[Br-]/q-fpr- in accordance with the requirements of equation (9). 
It will be seen that for reactions of this type the Bronsted equation takes a 
special form; the activated complex is uncharged, the term f, , in equation 
(9) disappears, and the rate equation can be tested up to concentrations far 
beyond the validity of the Debye-Hiickel limiting law by experimentally 


measured activity coefficients. This was successfully done by Livingston in the 
present instance. 

The preceding six reactions, together with an example of a zero salt effect, 
form the basis of the Livingston-LaMer diagram by which the success of the 
Bronsted theory is commonly judged. Other reactions which have since been 
carefully studied will next be considered. 


G. H,O, + 2H+ + 2I- + 2H,0 + I, 


The rate equation: —d[H,O,]/dt = k{H,O,)[H*][I-] fq-/- is exactly com- 
parable with the one just discussed. In place of the negative salt effect predicted 
by the Bronsted equation, however, Liebhafsky and Mohammad" found the 
reaction to be without appreciable salt effect. This apparent anomaly was 
removed by Bell, Gill, Holden, and Wynne-Jones, who confirmed the absence 
of an appreciable salt effect at the ionic strengths previously studied but showed 
that this was explained by the activity coefficient curve of hydrogen iodide, which 
goes through a flat minimum at an ionic strength of about 0-2; they also showed 
that at lower ionic strengths the predicted negative salt effect makes its appear- 
ance, and they thus disposed of this apparent exception to the Bronsted theory. 


H. Reactions of Bromo-acids with Thiosulphate 


The reaction of bromoacetate with thiosulphate has already been mentioned. 
LaMer and Kamner"™ also found excellent agreement with the Bronsted relation 
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for the reaction of thiosulphate with a-bromo-propionate in dilute solution. 
In the corresponding reaction with $-bromopropionate, however, the experi- 
mental salt effect was actually of the opposite sign, and a later study of the 
reactions of the thiosulphate ion with monobromomalonate and monobromo- 
succinate led to similar anomalous results’’. This anomaly was first thought 
to necessitate a fundamental modification of the Bronsted theory. It was 
suggested that an orientation effect was involved in the production of the 
activated complex and, in cases where the charge was some distance from the 
seat of reaction, that this was increasingly upset at higher ionic strengths by 
the rapidly fluctuating field resulting from the presence of other ions; this 
would lead to a negative contribution to the salt effect. Nielsen’® has since 
studied the parallel case of the saponification of the monoethyl-oxalate, -malon- 
ate, -succinate and -adipate ions, a series in which the charge is at an increasing 
distance from the seat of reaction. No anomalous effects were observed and 
all the reactions gave the normal salt effect. He also showed that the reactions 
of thiosulphate with f£-bromopropionate and with bromosuccinate were not 
accurately of second-order, and that under certain conditions a positive salt 
effect, though not of the correct magnitude, was obtained. The difficulty is 
most probably due to the ease with which these bromo-compounds are hydro- 
lysed. The earlier workers showed that this hydrolysis was very slow in solutions 
containing thiosulphate, but, as Nielsen pointed out, this suppressing effect of 
the thiosulphate ion is itself evidence of the complexity of the reaction. Although 
the position has not been quantitatively cleared up it seems safe to conclude that 
these reactions do not provide positive evidence of a failure of the Bronsted theory. 

It would be impossible to discuss here all the ionic reactions which have 
been investigated. Three more will be mentioned; one is a more recent study 
of LaMer’s in which the Bronsted equation is accurately obeyed, and the other 
two are examples of researches in which the acceptance of the Bronsted relation 
is a step in the elucidation of the reaction mechanism. 


I. Carbinol Formation by Crystal Violet and Malachite Green 


These reactions can be studied spectrophotometrically at very low con- 
centrations of dye, where the bimolecular reaction [Dye]* +- OH~ — carbinol 
is strictly obeyed'*. Turgeon and LaMer do not tabulate their salt data, but 
their Figs. 5 and 6 show excellent straight lines of the theoretical slope when 
log k is plotted against the extended Debye-Hiickel function of the ionic 
strength: /*/(1 + Ba/'). 


J. Decomposition of Potassium Pentathionate 


Pentathionate ions in aqueous alkaline solutions are decomposed into thio- 
sulphate ions, free sulphur and tetrathionate ions. At the beginning of the 
reaction thiosulphate is the only product: 2S,0,?- + 6OH- = 5S,0,*- 
3H,O, and Christiansen, Drost-Hansen and Nielsen show” that the reaction 
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is of first order with respect to both pentathionate and hydroxide ion. To 
confirm this bimolecular mechanism they studied the effect of added KCI and 
were able to show that the reaction had a positive salt effect with a slope close 
to the theoretical value. 


K. Oxidation of Thiosulphate by Hydrogen Peroxide 


This reaction has recently been studied in the presence of vanadate as 
catalyst, and here again the authors* have assumed the validity of the Bronsted 
salt effect equation, and used it in elucidating the mechanism of the reaction. 
The salt effect conforms with the theoretical equation with a slope of —2, and 
this is interpreted as supporting the reaction of a singly-charged cation such 
as [VO,, H,O,]* with the thiosulphate ion in the rate determining step. 


Ill. ION ASSOCIATION IN SOLUTION KINETICS 


It will be clear that the Bronsted theory of salt effects has been amply 
confirmed for a number of simple reactions; it is, in fact, generally accepted, 
and has been used in deciding between alternative mechanisms, as the last two 
examples showed. Nevertheless apparent anomalies are quite numerous; a 
number have already been mentioned, and in the recent studies of exchange 
reactions they are also common. A possible explanation for them which has 
often been suggested is that they are due to association between oppositely 
charged ions to form ion-pairs, or complexes. These could modify the reaction 
in two ways; in the first place they would have to be taken into account in 
calculating the true ionic strength of the medium; in the second, one (or more) 
such ion-pair might be involved in the rate-determining step, thus altering the 
charge of the activated complex and hence the ionic type of the reaction, and also 
possibly modifying the reactivity of the system in a more profound way as well. 

It is clearly most important to develop a quantitative treatment of ion-pair 
intervention in solution kinetics. Not only will this test the acceptability of 
ion-pairing as an explanation for abnormal salt effects, but it may also con- 
tribute information about the nature of the activated complex, and conditions 
governing its degree of instability. The conception of ion-pairs in reversible 
equilibrium with their constituent ions has been successful in explaining 
anomalies in the experimental activity coefficients, transport numbers, con- 
ductances and other properties of aqueous electrolytes, and its application in 
reaction kinetics is a logical extension of this work. 

In any reacting system all possible associations must be taken into account, 
and the concentration of each ion-pair will be given by an equation of the type 
(for C™* + = CA”™™"): 

fefs(C] 
fos . 
where K is the dissociation constant of the complex (or the reciprocal of an 
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association constant), and the activity coefficients may be calculated with fair 
confidence, for dilute aqueous solution at 15°-25°C, from an equation such as°: 


logy, f, 0522 (- : 0-21) (11) 


where z; is the charge on the ion, and / the ionic strength. Lists of dissociation 
constants have recently been compiled™, and the tables of Bjerrum, Schwarzen- 
bach and Sillén also contain numerous values of concentration products, [C][A] 
[CA] = K’, obtained at high and approximately constant ionic strengths; these 
are uncorrected for activity coefficients, but give an idea of the amount of ion- 
pairing to be expected in many systems. In general, association between 
univalent ions will be absent, in dilute solution, in all but a few cases; between 
a univalent and a bivalent ion it will usually be appreciable except at the highest 
dilutions; and between ions of higher charge it will be universal, and nearly 
always extensive. 


A. The Bromoacetate-Thiosulphate Reaction 


This reaction has been discussed on p. 167, and Fig. 3 showed the excellent 
agreement with the theoretical Bronsted slope given by the data in dilute 
solutions of the sodium and potassium salts. At higher concentrations of 
potassium ion the rate is abnormally high, and when a bivalent cation or the 
lanthanum ion is present the deviations from theory become very large indeed. 

These deviations have been quantitatively explained in terms of incomplete 
dissociation. First, independent determinations of the dissociation constants 
are necessary for all the possible products of ion-association, and the values 
used in the calculations are collected in Table 1. 


TABLE 1. K VALUES AT 25° 


Sodium Potassium Magnesium Calcium Barium 


Bromoacetate 0-28" 0-28" 0-57** 
Thiosulphate 0-11" 0-0145** 0-0089** 0-0061** 
Sulphate ? 0-0072" 


In the Table, s implies that ion-pairing is negligible at the concentrations used; 
on the other hand, the value for the NaSO,- ion-pair had to be used at the 
higher concentrations of added magnesium sulphate, though at similar con- 
centrations of added magnesium nitrate the dissociation of the nitrates could 
be considered complete. 

With the aid of these constants and equation (11), the concentration of each 
ion-pair can be calculated by successive approximations, and thus the true 
ionic strength of the initial reacting mixture is obtained. The dissociation 
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constants of the products of the reaction are not known, but there is no experi- 
mental evidence of the ionic strength changing during the course of the reaction, 
and Wyatt and Davies*® have shown that it will not do so if the dissociation 
constants of MS,O, and M(S,0,)Ac are approximately the same, and similarly 
for MBrAc* and MBr*, where M is any metal; this would be expected to be 
true for the simple cations used in the experiments. 

Apart from these minor corrections to the ionic strength, the main influence 
of an added cation will be exerted through its presence in the activated complex. 
On a purely electrostatic basis, the frequency of occurrence of complexes of 
the thiosulphate and bromoacetate ions will be greatly increased by the partici- 
pation of a bivalent cation, which reduces the charge on the activated complex 
from —3 to —1; this could explain the positive catalytic influence of multiply- 
charged cations. It is assumed, therefore, that a two-term velocity equation can 
be written, the observed rate being due partly to the simple reaction and partly 
to the reacting complexes that contain a cation. If fj, fo, fs are written for the 
activity coefficients of uni-, bi- and tervalent ions, respectively, the Bronsted 
equation (cf. equation 9) becomes: 

d[S,0,*-]/dt = + f,* 


The first term on the right hand side of this equation can be calculated from 
the known value of ky (from Fig. 3) and the calculated values for the true ionic 
concentrations. The second term is then found by difference, and a first test of 
the theory will be to find whether the values calculated for k'/,* depend upon 
the ionic strength in the required way; it will be seen that unlike the first term, 
which has a positive salt effect, the second term should have a large negative 
salt effect with a theoretical slope of —4. 

The results of this treatment are shown in Fig. 4 for the data of LaMer and 
Fessenden® for the magnesium, calcium and barium salts, and for the data of 
von Kiss and Vass* for the reaction of the sodium salts in the presence of added 
magnesium nitrate and magnesium sulphate. They are plotted against the 
function of ionic strength shown in equation (11), and the lines are drawn with 
the theoretical slope. When it is remembered that all errors of experiment and 
calculation are thrown on to these values, and that the metal catalysed process 
is a small part of the total reaction in the more dilute solutions the agreement 
is very striking. 

The reaction between the potassium salts is much less influenced by ion- 
pairing, but nevertheless LaMer’s data for this cation show at the higher 
concentrations significant departures from the simple reaction rate. Equation 
(12) becomes in this case 

(13) 
and again a satisfactory value of k’ is obtained. 
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The logarithms of the k values resulting from this treatment are shown in 
Table 2. 

These values support the idea that the catalytic influence of the cation is 
not exerted through any intimate effect on the reaction mechanism but through 


24 


the reduction in the charge of the activated complex. Through this effect they 
greatly increase the probability of an activated complex arising, as compared 
with the simple reaction, and if this explains their influence there should be a 


TABLE 2. log Ky 0-61 


Metal present . Mg 


ne 


log k’ 0-48 2 
log 2 
ferricyanide 2 
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66 
‘79 
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parallelism between the values shown in the second row of figures in Table 2 
and the free energy change for the association of a cation with the (BrAc,S,O,)* 
complex. Data for this process are not, of course, available, but figures*® for 
the association of cations with the large, tervalent ferricyanide ion are given in 
the bottom row of the Table, and the parallelism is very close. 

Reactions of this sort can also be regarded from another angle. Equation 
(12) might seem to imply a termolecular mechanism for the cation catalysed 
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process, but much more probable mechanisms for the formation of the cation- 
containing complex are the bimolecular collisions between ion-pair and ion: 


MgS,0, + BrAc 


Complex 


and MgBrAc* + S,0,? 
In terms of these species the rate equation becomes: 
k,[MS,0,][BrAc~] + k, [S,0,?-][MBrAc*] f, (13) 
if we neglect the termolecular process. By introducing the mass action constants: 


(MBrAc’} 


equation (13) can be converted into: 


d{S,O,2-]/dt = fy 


k 


Comparing this with equation (12) it will be seen that 

k’ = k,/K, + (15) 
Clearly, k, and k, cannot be separately determined from kinetic data. k, would 
be expected to be larger than k, on account of the favourable electrostatic 
factor, the encounters covered by this term being between oppositely charged 
ions; on the other hand K, is very much larger than K,. Wyatt and Davies*® 
made a rough estimate that the k,/K, term would amount to about 3 per cent 
of the whole for the barium reaction and about 7 per cent for calcium; on this 
basis the data yield mean values of k, = 1-27 |. mole sec! for the (BaS,O, + 
BrAc~) reaction and k, = 1-34 for the (CaS,O, + BrAc~) reaction. These are 
very nearly the same, and this collision frequency treatment therefore attributes 
the greater catalytic effect of the barium ion to the relatively greater concentra- 
tion of MSO, ion-pairs; this agrees with the earlier conclusion, that the various 
cations exert no specific effects on the reactivity of the activated complex. 

If this is assumed to be true, i.e. that k, and k, in equation (14) are inde- 
pendent of the chemical nature of the cation M**, then the magnitudes of k, 
and k, can be determined. For by applying equation (15) separately to the data 
for the magnesium, calcium and barium salts, equations may be obtained of 
the type: 

K 


— = (16) 
Kips 


= 
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When the values from Tables | and 2 are inserted in these equations the result: 
k, = 6-0 k, is obtained for the magnesium-calcium comparison, and k, = 6-4 
k, for the magnesium-barium comparison. The results are reasonably constant, 
and seem to support the reasoning on which they are based. If the mean value, 
62, is put back into equation (15) we obtain consistent values of: k, = 1-23, 
k, = 7-63. On this basis the three terms of equation (13) can be represented by 
the following scheme, in which the charge-type of the reaction is shown: 


0, 


The magnitude of the electrostatic factor when estimated in this way is much 
smaller than is often supposed. 

A quantitative treatment of the electrostatic factor in reaction kinetics has 
often been discussed*:***". Coulomb’s law may be used to derive the critical 
separation for chemical reaction of two ionic centres if a value is assumed for 
the dielectric constant effective in the encounter, or vice versa. 


B. The Reaction between Bromopentammine-cobaltic and Hydroxide Ions 


The data for this reaction were shown in Fig. 2. The outstanding discrepancy 
was the behaviour of the reaction in the presence of added sodium sulphate. 
It is in just such a mixture that extensive ion-pairing (between the bivalent cation 
and anion) will be expected. The dissociation constant of chloropentammine 
cobaltic sulphate has been calculated™, and it is assumed that the same value, 
K = 0-0028, will apply to the bromopentammine salt. With this constant and 
the known dissociation constant of the NaSO,~ ion-pair the true ionic composi- 
tion of the reaction mixtures can be calculated, and the treatment already 
described for the bromoacetate-thiosulphate reaction can then be applied. The 
value k, = 114 is derived from Fig. 2 for the simple reaction at zero ionic 
strength. This enables the first term on the right hand side of equation (17) to 
be calculated: 


d[P**]*/dr = fy + (17) 


where P** represents the bromopentammine-cobaltic ion, [P**] is its true con- 
centration and [P**]* the stoichiometric molarity. The second term is obtained 
by difference. The values found for k’f,* fall reasonably well on a line with the 
theoretical slope of —4, and extrapolation to zero ionic strength gives: k’ = 
6-0 x 10°. The success of the treatment in explaining the anomalous results 
is shown in Table 3, where the first column gives the concentration in m-moles/I. 
of added sulphate, the next two columns show the amount of ion-pairing, in 
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m-moles/l.. and the last two columns the observed’ and calculated overall k 
values. The last column is calculated from the relation: 


(PHP 


At the lowest concentration of sulphate the second term accounts for only 
| per cent of the reaction but at the highest concentration it accounts for more 
than one-third of the total. The agreement is extremely good except for the 
last point, where the ionic strength is rather high. 


TABLE 3. 


{Na,SO,] (PSO,] [NaSO, ] 


0-308 0-00028 0-005 0-004388 

0-621 0-00053 0-011 0-005315 

1-233 0-00090 0-026 0-007114 69-3 
3-080 0-00151 0-095 0-01251 56:1 
621 0-00207 0-276 0-02129 f 45-0 
12-40 0-00247 0-812 0-03904 36:5 36°5 
31-02 0-00291 3-38 0-08956 ; 28-0 


If the second term of equation (17) is regarded as equivalent to: k, [P,SO,] 
[OH~], the value of k, is: k, = k’ . K (compare equation 15) = 6-0 x 10° 
2-8 x 10-3 = 16-8, and the difference between this and k, = 114 can reasonably 
be attributed to the less favourable electrostatic factor in encounters between 
the hydroxide ion and the complex, rather than to any specific influence exerted 
by the sulphate ion on the reaction. In this reaction k,/k, = 6-9; this may be 
compared with the reaction previously considered, (in which a bivalent cation 
exerted positive catalysis) where k,/k, was 1:23/0-247 = 5-0. 


C. Elimination of HBr from Dibromo-acids 


Holmberg™ studied a number of reactions of this type and discovered an 
effect which he called ‘Cation Catalysis’. For instance when the racemic 
dibromosuccinic acid was dissolved in excess of sodium, potassium, calcium or 
barium hydroxide an accurately second-order reaction took place leading to 
the formation of monobromo-fumarate: 


+ CO,°CH:CBr'CO,* + Br- + H,O 


The reaction did not appear to be affected by added anions but was markedly 
influenced by the nature of the cation present, and Holmberg at first considered 
that the cation’s catalytic effect was proportional to the cube root of its con- 
centration. This relationship was found to fail, however, when more than one 
cation was present. 
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The reaction cited is of the same charge-type as the thiosulphate-bromo- 
acetate reaction and exactly the same considerations should apply; it is probably 
the earliest reaction in which the effect of ion-pairing is clearly shown. An 
interesting point of difference from the thiosulphate-bromoacetate reaction is 
that in this case the calcium ion has a much stronger catalytic effect than the 
barium ion, instead of the reverse. This is explained by the relative magnitudes 
of the dissociation constants, the calcium salt this time being the weaker of 
the two. 


eft-hond co- ordinetes 
(right-hand upper scole) 
right-hand lower scole) 
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The dissociation constant of the salts of the bromo-acids are not known, 
and in the treatment that follows it is assumed that they are the same as for the 
unsubstituted acids. For this reason the treatment can only be considered an 
approximate one. Its results are quite striking, however, and it is believed that 
the errors introduced are not very serious, especially in the comparison of the 
effects of calcium with those of barium. 

Curve | of Fig. 5 shows Holmberg’s data for KOH and NaOH. The 
results are fitted satisfactorily by the expression: 


d[OH~}/dt = A/fs (19) 


where S*~ represents the dibromosuccinate ion, and by extrapolation of the 
theoretical line of slope -+-2-0 drawn through the points the value k, = 0-68 is 
obtained. The true ionic concentrations in the reaction mixtures containing 
calcium or barium hydroxide are now obtained by means of the dissociation 
constants: CaOH*, K = 0-050; BaOH*, K = 0:23; CaS, K =0-010; BaS, 
K = 0-027; and the results for these mixtures are analysed by equation (20): 


—d[OH~}/dt = kf[S* OH" + (20) 
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which is the exact counterpart of equation (12) in the example previously 
discussed. The first term on the right hand side can be calculated, to give the 
second term by difference, and hence values of k‘f,”. The logarithms of these 
are shown in curves 2 and 3 of Fig. 5. The points are not as numerous as one 
would like, but fall very satisfactorily on lines with the theoretical slope of 
-4, and lead by extrapolation to the values: k’,, = 1350 and k’,, = 4470. 

Holmberg also studied the elimination of HBr from the dibromopropionate 
and dibromobutyrate ions, and these reactions have been analysed in the same 
way. They differ from the previous example in charge-type, the corresponding 
equation to equation (20) now being: 


d[OH-]/dt = + (21) 


The data for these two reactions are rather scanty, and the values derived for 
the second term of the equation show more scatter than do those shown in 
Fig. 5. Nevertheless they enable approximate values of k’ to be derived. 

Following Holmberg, Smith® studied the elimination of HCI from a number 
of chlorohydrins: 


R,—OH R, 
| OH---| 5O+CIr+H,0 
R 


With uncharged chlorohydrins the reaction was independent of the nature 
of the base, but with chloromalic acid, /-chlorolactic acid and phenylchloro- 
lactic acid, catalytic effects similar to those studied by Holmberg appear. 
Smith’s results have been treated in the same way as the others, and the calcu- 
lations on the six reaction are summarized in Table 4. It must be emphasized 
that these preliminary results are capable of a good deal of refinement; the 
dissociation constants used in the calculations were those of salts of the 
corresponding unsubstituted acids, and the k’ values in some instances are the 
means of only two or three kinetic runs. The conclusions drawn from them are 
therefore tentative. 

Inspection of the table shows how widely the effect of the bivalent ion may 
vary, k’ being about 20,000 times k, for calcium chloromalate and less than 
twice k, for the phenyl-chlorolactate. Relative figures for the catalytic effect 
are given in the fifth column, and a comparison with the sixth column, which 
gives the pK values of the various salts, strongly suggests that it is the electro- 
static factor, already discussed in connexion with the thiosulphate—bromoacetate 
reaction, which is the governing effect in most of the results of Table 4. The 
figures in the sixth column reflect the decrease in free energy when the ion-pair 
is formed from its constituent ions, and those in the fifth column the corre- 
spondingly increased probability of activated complexes containing a cation. 
The figures in the last column of the table are the algebraical sums of those in 
the preceding two columns, and for the first three anions, at any rate, can be 
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regarded as constant. Thus the considerable apparent difference between the 
cations’ catalytic effect on the first anion, compared with the next two, is 
identified with the difference in charge-type, and the much greater concentration 
of ion-pairs in the case where the anion is doubly charged. 

The results for the remaining three anions deserve closer study, as this 
preliminary analysis reveals the likelihood of specific cation effects in these 
instances. The lactate and malate are anions in which such an effect might be 
anticipated, as the bivalent cation tends to chelate with the z-hydroxyl group. 


TABLE 4. 


Anion Cation 
Dibromesuceinate 
Dibromopropionate 
Dibromobutyrate 


/-chlorolactate 
1,316 
227 

a-chloro-/-phenyl- 

§-hydroxypropionate 154 
139 

B-chloromalate 
38,500 
5,800 


This is shown both by the low dissociation constants of the salts and by inde- 
pendent evidence™*. The cation may therefore exert a more intimate influence 
on the rearrangement than it would do as a mere partner in an ion-pair. In 
the remaining case, that of «-chloro-/-phenyl-f-hydroxypropionate, the bivalent 
cations exhibit a negative catalytic influence which almost counterbalances the 
electrostatic effect. An explanation of this is suggested by writing the reaction: 


O 


— C,H,CH—CH—CO,- 


Cl 
O 


C,H,CH-CH'CO,~ + Cl 


k k’ log K 
0 og og 
0-68 
' 4,470 3-82 2.00 1-82 
1,350 3-30 1-57 1-73 
$-32 
4 1,300 2-41 0-68 1-73 
600 2-04 0-15 1-89 
0-097 
Ca? 22-4 2:36 0-54 1-82 
Ba?* 12-2 2-10 0-10 2-00 
3-61 1-47 2-14 
2-85 0-77 2-08 
0-24 0-82 —0-58 
0-19 0-43 0-24 
4-27 2-66 1-61 
3-44 2-19 1-25 
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Association of the carboxylate group with a cation will hinder the disengage- 
ment of the chloride ion. The opposite is true of the lactate ion where the 
transition state will be stabilized by the cation (in agreement with the strong 
positive catalytic effect), whilst the case of the malate is complicated by the 
presence of the two carboxylate groups. 


D. Other Reactions 

The effects of ion-pairing have been semi-quantitatively studied in a number 
of other reactions. The required dissociation constants are often not known, 
and the workers concerned have proceeded in the reverse direction: having 
attributed specific effects to ion-association, they have shown that this leads 
to consistent and reasonable values for the dissociation constants of the species 
assumed to be responsible. In summarizing this work ion—-molecule reactions 
will be omitted for the sake of brevity; ion-association is of great interest in 
several of them, but they do not strictly belong to this chapter as they do not 
show the normal exponential salt effect. 

The reaction between ferric and iodide ions has been the subject of several 
investigations, but the interpretation of the results has given difficulty because 
the ferric ion is not only a very weak base but associates strongly with other 
ions as well as with the hydroxide ion. Sykes** has investigated the reaction 
and has found that the sulphate ion exerts a particularly marked inhibiting 
effect. The results are consistent with the assumption that the ferric sulphate 
ion-pair is non-reactive towards iodide ion, that is, that the initial reaction 
rate is governed by the concentration of free ferric ions, and on this basis 
Sykes was able to derive a value for the dissociation constant of the ferric 
sulphate ion-pair. 

Substitution and isomerization reactions amongst the metal co-ordination 
compounds usually involve multiply-charged ions and consequently show ion- 
association effects. This field has been reviewed recently. Of particular 
interest is the work of Taube and Posey*’, who were able to distinguish between 
the ion pair, or outer-sphere complex [Co(NH,);H,O, SO,]*, and the inner- 
sphere complex [Co(NH,),SO,]*. 

Inorganic oxidation-reduction and exchange reactions also involve multi- 
valent ions and are much affected by ion-association: in several instances it 
has been deduced that the reactants concerned in the rate-determining step are 
ion-pairs. Most of these reactions have been studied, for one reason or another, 
at quite high ionic strengths, efforts being made to hold the ionic strength 
approximately constant. For these reasons a treatment based on thermo- 
dynamic dissociation constants, and the Bronsted and Debye equations, is no 
longer relevant. An interesting example from this field is the cerous-cobaltic 
reaction, for which Sutcliffe and Weber** give as the rate-determining step in 
acid perchlorate solutions: 

CeClO,?* + CoOH** —- + + CeOH* (or Ce** + 
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Nitrate, and especially fluoride, ions accelerate the reaction through the com- 
peting mechanisms: 
CeX** + CoOH** — 


It may be anticipated that, apart from its favourable influence on the collision 
factor, any anion will favour the reaction in accordance with its relatively great 
tendency to associate with cerium in the quadrivalent state. 

Amongst organic reactions valuable pioneering work has been done by 
K. J. Pedersen. The nitro-acetate ion is unstable, and Pedersen*® has shown 
that the rate determining step in its decomposition can be written: 


OON:CH, 


an electron displacement from right to left occurring in the molecule. The 
parent acid is stable, because the proton will prevent this displacement, and 
Pedersen attributed the negative catalysis of metal salts to the association of 
the anion with the added cation, the undissociated salt like the undissociated 
acid being assumed to be stable. On this basis stability constants for the ion- 
pairs formed by ten metals were calculated at an approximate ionic strength 
of 0-6. The calculations do not take account of the metal nitrate ion-pairs 
which must have been present, but the relative order and the magnitudes of the 
constants derived seem very reasonable. 

Pedersen has also studied the decarboxylation of several keto-carboxylic 
acids. From the behaviour of «-«-dimethyl-acetoacetic acid he concluded*® 
that the product of the reaction is first produced in the enol form, and Stein- 
berger and Westheimer have confirmed this, and identified the enol spectro- 
scopically, in the decarboxylation of dimethyloxaloacetic acid and of its 
monoethyl ester. In the latter case the mechanism will be: 


O 


RO,C—CO—CMe,—COO — RO,C—C =CMe, + CO, 
| 


RO,C—CO—CHMe,. 


This is essentially similar to nitro-acetic acid, an electron displacement from 
right to left liberating the carbon dioxide, and in accordance with this it is 
found that metal ions do not promote this reaction, nor do they promote the 
decomposition of £-ketomonocarboxylic acids in general. But in the decar- 
boxylation of ketodicarboxylic acids, heavy metal ions are found to exert a 
strong positive catalytic effect. This has been demonstrated for Fe**, Cu**, 
Al**+, Ni®*, Mn**, Fe®+ and Pd** (decreasing order of catalytic activity) by 
Steinberger and Westheimer in the decomposition of dimethyloxaloacetic acid; 
by Prue*® for acetonedicarboxylic acid, and by Pedersen for oxaloacetic acid® 
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and dihydroxytartaric acid“. Pedersen found the effect to be very small in 
acetosuccinic acid®. 

The collision factor which predominates in the HBr elimination reactions 
is absent in these spontaneous decarboxylations, and the metal ion must exert 
its catalytic effect by favouring the electron displacement responsible for the 
decomposition. In a dicarboxylic acid it can do this in the way shown (for 
dimethyloxaloacetic acid): 


M ---O 
OOC—CO—CMe,—COO ~OOC—C=CMe, 
| Ht 
M+ --O 
OOC—C—CHMe, 
A metal ion associated with the left-hand carboxylate will tend to chelate with 
and thus stabilize the enolate form through which the reaction passes. 
In the case of acetosuccinic acid, where the decomposition would proceed 
as follows: 
O O 


- - | 
OOC—CH,—CH—C—CH, OOC—CH,—CH—C—CH, 
Coo CO, 
chelation would require the formation of a seven membered ring, and, as the 
common cations show a much reduced tendency to form even six-membered 
rings of this type, the very weak catalytic influence in this reaction is explained. 
This explanation of the decarboxylation reactions is confirmed and extended 
in an important respect in the paper by Prue already cited. For the acetonedi- 
carboxylate ion the transition state may be pictured as 
CH, 


C=CH, ----CO, 
-O O 


and it will be seen that in stabilizing this a metal ion might be expected to show 
a chelating power comparable to that in the corresponding malonate. Prue 
plotted his catalytic coefficients for various cations against the published 
dissociation constants of the corresponding malonates, and his results are 
reproduced in Fig. 6. Obviously the parallelism is extremely close between the 
catalytic coefficients of the cations and their tendency to associate with the 
anion, and this may be regarded as supporting both ihe proposed mechanism 
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for the catalysis and the belief that the associated products of the bivalent 
cations (including magnesium) with malonates and similar ions are compounds 
with a definite chemical structure. Here another point in Prue’s work is of 
great interest: the lanthanum ion, as will be seen, falls off the line, and the 
hexamminocobaltic ion shows no catalysis at all. This is taken to indicate 
that the association of the hexamminocobaltic ion with the malonate ion results 
only in the formation of electrostatic ion-pairs, and that the cation is not 


-log K 
Fic. 6 


localized in its interaction with the anion and so does not affect its stability. 
Conductances and activity measurements do not distinguish between ion- 
pairing and chemical interaction (except in so far as inferences may be drawn 
from the magnitude of the dissociation constant), and a criterion based on 
kinetic behaviour would be very valuable. 

More recently, Gelles and his co-workers® have published a careful study 
of the decarboxylation of oxaloacetic acid, including a determination of the 
dissociation constants for a number of metal oxaloacetates. The results support 
the ideas of Pedersen and Prue in that a linear logarithmic relationship is found 
between the catalytic coefficients and the dissociation constants of the corre- 
sponding oxalates, pointing to the intervention of the metal in the decomposition 
through a transition state of approximately the structure: 
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The same approach has been extended to another reaction by Hoppé and 
Prue*’, who find that the amount to which metals promote the alkaline hyd- 
rolysis of potassium ethyl oxalate and malonate is governed by the stabilities 
of the metal oxalates and malonates respectively. The hexamminocobaltic ion 
is again found to be less effective than would be indicated by its dissociation 
constants. A study of the effect of the rare earth ions on the decarboxylation 
of oxaloacetic acid has led Gelles and Clayton*® to suggest that in addition to 
their acceleration of this reaction for the reason already discussed, the para- 
magnetic Gd** and Dy** ions show an additional effect, for which a possible 
mechanism involves electronic spin-spin interactions between catalyst and 
substrate. 


IV. CONCLUSIONS 


The Bronsted equation for the primary kinetic salt effect has been shown 
to hold with high accuracy for a number of uncomplicated reactions. The 
confidence widely placed in it is exemplified by the use that several workers 
have made of it in the elucidation of reaction mechanisms: the effect of salt 
additions on the reaction rate is used to confirm that the reactants do carry the 
electrical charges required by the postulated mechanism. 

Of course, it must be recognized that the Bronsted—Debye equation in the 
form in which it is commonly quoted can apply accurately only to very dilute 
solutions, and that the range of ionic strength in which it can correctly be used 
shrinks with improving accuracy in experimental results. An extension to 
higher concentrations would require a knowledge of the variation with ionic 
strength of the activity of the activated complex; it is only in certain reactions 
where the activated complex has zero net charge that such an extension is reliable. 

Next, the thermodynamic and other properties of electrolytic solutions show 
specific effects which are outside the scope of the unmodified Debye—Hiickel 
theory, and it has been gradually accepted over recent years that a main cause 
for these is ion-association. This association may be purely electrostatic, 
leading to ‘Bjerrum ion-pairs’; in other cases there is ample evidence that the 
association product has a definite chemical structure. Appropriate corrections 
for the effects of the products of ion-association have to be made in a quantita- 
tive treatment of the various properties of electrolyte solutions, and the same 
must be expected in the field of ionic reaction rates. 

lon association can affect reaction kinetics in a variety of ways. It will lead 
to a reduction in the ionic strength, and a calculation of the concentrations of 
all ion-pairs will be necessary if the correct value of the ionic strength is to be 
inserted in the Bronsted equation. If the ion-pairing involves the reactant ions 
themselves, or one of them, it will also have much more direct and drastic 
influences on the rate. In a reaction between ions of like sign, association with 
an oppositely charged ion will accelerate the reaction by reducing the electro- 
static barrier to the formation of the transition state. 
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The associated ion may further influence the reactivity of the reacting 
species. An example of this is the decarboxylation of an acid. In a monocar- 
boxylate the decomposition is retarded by an associated cation, which hinders 
the electron displacement away from the carboxyl group. In a dicarboxylate, 
on the other hand, the cation may be imagined as being associated with either 
of the negative centres; in the one case it would stabilize the molecule, in the 
other it would render it reactive, and if there were an equal probability of the 
cation being actually associated in this way with one or other carboxyl group, 
the second effect would probably outweigh the first and a positive catalytic 
effect would be observed. Further possibilities, however, which the practical 
evidence seems to support, are, firstly, that the cation forms an electrostatic 
ion-pair, in which it is not specifically associated with either carboxyl group, 
and exerts no catalytic effect on the reaction; and secondly, that the position 
of the cation in the transition state is fixed by its tendency to form a chelated 
compound, in which case it exerts a marked catalytic effect. Another general 
case is provided by oxidation-reduction reactions in which an ion reduces or 
increases its charge. In the former case association with an oppositely charged 
ion will be expected to hinder the reaction; in the latter, the energy barrier will 
be reduced, and a positive catalytic effect may be expected. 

The occurrence of ion-association is not the only way in which the simpli- 
fying assumptions of the Debye-Hiickel theory may prove to be inadequate. 
For instance, a centrally charged sphere will be an unsatisfactory model for a 
large organic ion with more than one charged group; and there is some 
evidence (though more would be desirable) for the view” that an abnormal 
salt effect in the hydrolysis of the ethyl adipate ion is due to the remoteness of 
the second charged group. 

Finally, there remain a few apparently anomalous salt effects which are not 
fitted by any of the factors discussed and for which no satisfactory explanation 
has been advanced. The persulphate-iodide reaction, in particular, seems to be 
accompanied by such effects. These should attract further study, for*® ‘just such 
things will promote science and knowledge very much, which are said to be 
impossible.’ 
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I. INTRODUCTION 


The well known phenomenon of fluorescence quenching shows that excited 
molecules which are formed by absorption of photons can undergo reactions 
which are comparable to or faster than the emission of fluorescence. Since the 
fluorescence decay time, 9, is typically of the order of 10-* sec, it is possible by 
fluorescence investigations to study reaction kinetics in the range of reaction 
times around 10~* sec. 

In solutions or in other condensed systems the fluorescence of aromatic com- 


pounds is the result of a radiative transition from the first excited singlet state (A) 
to the ground state (A). This first excited singlet state is reached within 10-" 
10-™ sec after the absorption of a photon, by thermal relaxation of the excited 
molecule with the surrounding medium. Besides the radiative transition with the 
rate constant (probability per sec) n,, other non-radiative transitions may de- 
populate the first excited singlet state. They occur with the rate constant n, and 
comprise essentially transitions to the lowest triplet state, predissociation pro- 
cesses, and deactivation by solvent molecules. Unlike n,, which is virtually 
independent of temperature, n, may depend on temperature like other first order 
rate constants. In the absence of reactions other than those indicated by n, and 
n, the mean lifetime of the molecules in the first excited singlet state is given by 
l 
= (1) 


Ny + Mg 
and the quantum yield of fluorescence by 


my 
— (2) 
Ny + Ng 
This last equation becomes, of course, invalid, when fast deactivating reactions 
effectively compete with the thermal relaxation process. 


The molecule in the excited state, A, differs from the ground state molecule 
with respect to both energy and electron wave function. A difference in chemical 
behaviour is, therefore, to be expected. As we shall see later, this difference can 
be such that A and A may even be considered to be different molecules. 

Experimental evidence which indicates the different reactivity of molecules 
in the excited and ground states comes from two sources: absorption spectra 
and fluorescence intensities. The latter are indicative of the reaction kinetics, 
caused by the different reactivity of the excited molecules. From absorption 
spectra, on the other hand, conclusions can be drawn concerning the thermo- 
dynamical conditions prevailing in the excited state. Figure | gives a generalized 
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and very simplified energy level diagram which can be thought of as representing 
that part of the spectra of Figs. (3), (5) and (6) which is essential for ourconsidera- 
tions. A and A’ are two corresponding molecular species of a chemical equili- 
brium of the type (II). It is immediately seen that 


AH — AH* = AE — AE’ (3) 


i.e. the molar enthalpy, AH*, of the reaction in the excited state differs from the 
analogous molar enthalpy, AH, in the ground state by an amount which is given 


A’ 
jAH" 


A 
FiG. 1, Schematic diagram of energy levels (vibrational and higher electronic 
levels being omitted) 


by the frequency interval A? between the long wavelength absorption bands of 
A and A’. With the assumption of equal reaction entropies in the fluorescent and 
ground states one gets from equation (3): 
AE— AE’ 
= ——— (4) 
K* RT 
Here R is the gas constant, A Planck’s constant, c the velocity of light, k Boltz- 
mann’s constant, and T the temperature. K* and K° are the constants of the 
equilibria: 
A(+B) = A(+ B’) (1) 
and 
A(+ B)= A(+ B’) (II) 
respectively, which may involve other non-absorbing molecules as indicated by 
B and B’. In any particular case equation (4) furnishes a criterion concerning 
the thermodynamic possibility of the reaction in the excited state. For the 
reaction to be observable by fluorescence measurements, it is, however, an 
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additional requirement that the reaction time be comparable to or shorter than 
the mean life-time of the excited molecules. 

The reactions which fulfil this kinetic criterion and have been investigated 
so far may be classified in four groups: 


(1) Quenching of fluorescence (probably electron transfer) 


A + B-»(A‘*’ B*)-»)A + B (111) 

(2) Complex formation 
(IVa) 
(IVb) 


(3) Acid—base reactions 
(Va) 


HB-» AH* + B (Vb) 


(4) Isomerization 
(VI) 


Before discussing these different reactions in more detail a short description of 
the experimental methods will be appropriate. 


ll. EXPERIMENTAL METHODS 


Figure 2 shows a plan of the apparatus used for measuring relative fluorescence 
intensities'*. The exciting light (Hg 365 my or Hg 313 my) was isolated by 
means of suitable filters from a 50 W high-pressure mercury lamp, Q, which was 


K 


Fic. 2. Apparatus for measurement of relative fluorescence intensity 


on the stabilized AC line. The fluorescence was measured at right angles to the 
incident beam, after filtering through a filter F, (see below), with the aid of 
photo-cell P, AC amplifier, rectifier, and galvanometer. Suitable placing with 
respect to the cuvette of the diaphragms B, and B, makes the signal, even at low 
concentrations, almost independent of the optical density of the solution. A 
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10 per cent change of an optical density as low as 0-1 cm~ changes the galvano- 
meter deflection by less than 0-3 per cent. Two quartz glass cuvettes containing 
the solutions whose relative intensities are required could be placed in turn in the 
light path. Both cuvettes were furnished with small but efficient stirrers. The 
temperature was controlled by water from a thermostat flowing through glass 
coils placed in the solutions. Nonaqueous solutions are freed from oxygen by 
evacuation at low temperatures using an especially designed cuvette’. 

Fluorescence spectra were measured using a spectrometer with cathode-ray 
tube designed by Férster and Schoen*:*. Quite recently, acommercially available 
instrument (Perkin-Elmer model 13 U) described elsewhere® has been used. 

Absolute mean lifetime measurements were carried out by Dr. A. Schmillen’ 
(University, Giessen) whose valuable co-operation is gratefully acknowledged. 

Relative values, particularly the temperature dependence, of the mean life- 
time were determined by means of intensity measurements using the relation: 


— 5 
GlT2) (5) 


which implies that n, is independent of temperature. 


Il. QUENCHING OF FLUORESCENCE 


A great deal of information on fast reactions in solution, both experimentally 
and theoretically, has been gained from quenching of fluorescence*. This 
phenomenon may, therefore, be used to outline some of the fundamental ideas 
and formulae which are of general importance in the study of fast reactions of 
excited molecules. 

For quenching of fluorescence in solution the two reactants, A and B, are 
required to form an encounter complex, i.e. they must approach to a distance 
where chemical interaction may become significant. The two possible modes 
of formation of this complex (A - B) which have led to the distinction between 
diffusional (or dynamic) and static quenching may be represented in the following 
manner: 


D 


diffusional......... A+ B=A:B 
| (VII) 


This scheme comprises the outer mechanism which describes the intermolecular 
conditions of quenching. 
The additional reaction: 
ky 
A+ unstable intermediate or photoproduct (VILL) 
completes the reaction scheme for quenching of fluorescence. The rate constant 


* This spectrometer has been extensively used in this institute. For a short description v.* 
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k, depends on the inner mechanism. The probability that this reaction occurs is 
given by: 
y=k,:d (6) 
where # is the actual lifetime of the excited complex. It is this probability, +, 
which determines the high degree of specificity exhibited by the quenching of 
fluorescence in solution. The inner mechanism of quenching is by no means 
fully understood. While the reversible electron transfer (cf. reaction II]) which 
has been suggested by Baur* and by Weiss'® seems to be highly probable, there 
exists no direct experimental proof of this mechanism. 
The following expression for the concentration dependence of the fluores- 
cence yield can be derived from the complete reaction scheme VII + VIII: 
l— ya 
(7) 
fo 1+ yk, toc 
where c is the concentration of the reaction partner B. « is the fraction of 
directly excited AB-complexes and is given by 
(1+ - (8) 
rs 
e 
e and ¢’ are the extinction coefficients at the exciting wavelength of A and AB, 
respectively. 
In the range of higher quencher concentrations the following expression is 
obtained for y: 


(6') 


where 7, is the fluorescence lifetime of the complex A - B. Thus for c -» « 
equation (7) reduces to 
—__ 
Fo 

This limiting value may be observed when the quencher is used as solvent, 
provided that the reaction mechanism is not considerably changed with increas- 
ing concentration. An application of equation (7) will be given in the next 
section. 

From the theory of diffusion-controlled reactions"~™ the rate constant k 
can be calculated. For ionic reactants with the charges 2,e¢) and 2,9, respectively, 
one gets: 


) 
exp| é 


- 


9 
Ka 
) (9) 


1 + ekTa 


with a = encounter distance, D = sum of the respective diffusion coefficients 
(D, + D,), N’ = Avogadro’s number per millimole (which corrects for the 


l 
k, 
= 
a -D AB D AB 
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dimensions 1. mole~ sec~), e = dielectric constant, kT = Boltzmann’s factor, 
« = reciprocal radius of the ionic atmosphere. 

When K°c — 0, diffusional quenching prevails and equation (7) reduces to 
the Stern-Volmer™ equation : 


(10) 


The equations (7) through (10) have been derived using straightforward 
steady state kinetics. It must, however, not be overlooked that for diffusion- 
controlled reactions the time required to reach the steady state is comparable to 
the reaction time. Consideration of this fact leads by a more elaborate treat- 
ment! to the result that only a certain fraction W of the excited molecules obeys 
the Stern-Volmer equation, so that now 


(11) 


whereas the residual fraction of excited molecules, (1 — W), can be considered 
as having already reacted immediately after excitation and, therefore, does not 
contribute to the relative fluorescence yield. W can be calculated from: 
W = exp(—V c) 
with the molar volume of diffusion 
BY Dr, 
(l—vy)a + BY Dry 


V = Dr 


Here + is the actual lifetime which is given by: 


To 


As y® appears in equation (13), W very rapidly approaches unity when y de- 
creases. On the whole, it is the ratio 


which determines the effect of the transient reaction rate as compared to the 
stationary rate. This is shown by a simple transformation of equation (13) which 
yields 


va 


(l — y)a+ BY Go 


(15) 


V = vk to 


In comparing equations (10) and (11) it is easily seen that the application of 
non-stationary state kinetics to diffusional quenching essentially leads to a 
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differentiation which is analogous to that between diffusional and static quench- 
ing: 1 — W, like ya, includes all excited molecules which are close enough to B 
molecules to be statically quenched or, more generally speaking, to react 
immediately after excitation. This plain interpretation of W and 1 — W greatly 
facilitates the extension of the non-stationary state treatment to more involved 
reaction systems. 

Indirect experimental evidence in favour of an electron transfer mechanism 
in fluorescence quenching comes from Table 1, which summarizes some data on 


TABLE |. QUENCHING OF ACRIDINE FLUORESCENCE (rt, = 1-35. 10~® sec) IN 
AQUEOUS SOLUTION (0-03 M NaOH) ar 25°C. 


yk DTo D ys 
. mole™') (cm* . mole~') (A) 


0-38 
2-45 
24 
6°5 


2 
(CH,), 
(CH,), 
(C,H,), N 40-1 


® lonization potential from work of K. Watanabe and co-workers** 


the quenching of the acridine fluorescence by a series of amines. The quenching 
constants, yk 7», were evaluated from the concentration dependence of the 
relative fluorescence intensity with the aid of equation (11). (With the exception 
of the last three cases, W could be put equal to unity.) Relative diffusion 
coefficients, D, were obtained by means of a nomogram given by Othmer and 
Thakar’’. The value of ya, obtained with equation (9) which in this case (6 = 0) 
can be written: 

yk = 4ryaDN’ (16) 
furnishes a good criterion of the efficiency of quenching. It is seen that a close 
correlation exists between ya and the ionization potential of the quencher, /, 
given in the final column. Indeed, with the exception of benzylamine, ya 
increases when J decreases. This is highly suggestive of an electron transfer 
taking place from the quencher to the excited acridine. If the electron to be 
transferred is one of the non-bonding electrons localized on nitrogen, benzyl- 
amine need no longer be considered an exception. Compared to other primary 
amines the ionization potential of benzylamine is surprisingly low. Thus a value 
of about 8-6 eV not only would fit much better to the quenching efficiency, but 
also may be considered as the ionization potential of a non-bonding electron (on 
nitrogen) of benzylamine. 


Quencher ew) 
NH, 0-012 10-16 
CH, - NH, 0-10 8-97 
iso-C,H, - NH, 0-13 8-72 
n-C,H, NH, 0-39 8-71 
CH 0-56 7-56 
1-07 8-24 
1-40 7-82 
2-75 7:56 
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IV. COMPLEX FORMATION 


A few years ago, Férster and Kasper®!* found that the fluorescence of 
pyrene in solution undergoes a spectral change with increasing concentration. 
The fluorescence spectrum which is characteristic for pyrene in dilute solution 
(maximum about 25,700 cm~') disappears and a new spectrum appears at longer 
wave lengths (maximum about 20,900 cm~'). The authors could show that the 
latter has to be ascribed to an excited pyrene—pyrene complex which is formed 
according to the diffusion controlled reaction: 


A+ (IX) 


Furthermore it was established that the concentration dependent fluorescence 
transformation is not accompanied by any observable change in the long wave- 
length part of the absorption spectrum. With the aid of equation (7) which in 


this case [- K° = Oand ykp = k) reduces to: 


(17) 


the relative rate constant kr, = 6501./mole was obtained from the concentration 
dependence of the relative fluorescence intensity in de-aerated benzene solution 
at room temperature. With t) = 1:2. 10~? sec, the rate constant of the excited 
pyrene—pyrene association in this solvent is 5-4 . 10°1. mole sec~’. Analogous 
studies of the pyrene fluorescence in other solvents® indicate a close correlation 
between relative association rate constants and viscosity, as is to be expected for 
diffusion controlled reactions. 

An upper limit to the binding energy of the excited pyrene-pyrene complex 
can be estimated from the spectral shift of 4,800 cm~' which corresponds to 14 
kcal/mole. It has been suggested®-!® that this energy arises due to strong mutual 
coupling of the electron systems from the resonance: 


AA “> AA 


This, in fact, leads to two excited states*®, one above and one below the excited 
state of the single molecule. The radiative transition from the lowest state to the 
ground state is usually forbidden, but may be made allowed by admixture of 
higher, intense transitions of different symmetry"®. 

Another kind of complex which is important in connection with acid—base 
reactions of excited molecules is held together by hydrogen bonds. It has been 
shown first by Nagakura and Baba that the 1:1 hydrogen bond complexes of 
phenols with suitable hydrogen bond acceptors exhibit absorption spectra which 
are shifted to longer wavelengths compared to the absorption spectra of the 
unbonded species. Similar results have been obtained with 3-hydroxypyrene in a 
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series of solvents using hydrogen bond acceptors such as triethylamine, pyridine, 
«-chloropyridine and others. In addition to measurements of absorption spectra 
(results with pyridine are given in Fig. 3), fluorescence measurements have been 
carried out from which rate constants could be obtained of the formation of 
hydrogen bond complexes in the excited state. This was possible on account of 
the decrease of fluorescence quantum yield upon hydrogen bond formation. 
This decrease varies considerably with different acceptors and can be masked by 


Fic. 3. Absorption spectra of 3-hydroxypyrene (5 . 10-* mole/l.) in methyl- 
cyclohexane + pyridine at 20°. The concentrations of pyridine are: 
; —— 0-045 mole/l.; —.—.—. extrapolated 
to infinite concentration. 


a lower efficiency of dissolved oxygen in quenching the fluorescence of the 
hydrogen bonded complex. For /-naphthol in methylcyclohexane solution, for 
instance, the relative fluorescence yield of the hydrogen bond complex with 
dioxane is 0-94 in de-aerated solution, but 1-33 when air is admitted. In order to 
get reliable results it has, therefore, been necessary to exclude oxygen. 

The hydrogen bond complex of 3-hydroxypyrene with pyridine (or with «- 
chloropyridine) is practically nonfluorescent. This is indicated in Fig. 4 where 
the g/go-curve approaches zero asymptotically at higher pyridine concentrations 
and is further confirmed by the observation that in pyridine no fluorescence of 
3-hydroxypyrene can be observed, whereas the fluorescence of 3-methoxypyrene 
is not quenched at all in this solvent. (Analogous results have been obtained 
with «-chloropyridine.) 
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It can, therefore, be concluded that the excited hydrogen bond complex 
(ROH - B) disappears immediately after it has been formed. Its formation can 
occur either in the excited state (diffusionally): 

k 
ROH + B—> ROH (X) 
with the rate constant k,, or statically, by excitation of the ground state complex 
which exists on account of the equilibrium: 


ROH + B=—= ROH-B (XI) 


0 


0.5 


10° (mole |i) 


Fic. 4. Relative fluorescence intensity, ¢/¢», of 3-hydroxypyrene in methyl- 
cyclohexane at 20° as a function of pyridine concentration. 1 a from equation 
(19) with K 220 |./mole and e’/« 0-69. 


The following expression (analogous to equation (7), with y = 1): 


l 
(18) 
+ kyro9c 
can therefore be used to determine relative rate constants k,7, as given in Table 
2. Values of (1 — x) at different concentrations have been calculated with: 

I (19 

) 
1+ Kce'/e 

and are plotted in Fig. 4. The required constants, K°, e’ and e can be obtained 
from the absorption spectra (cf. Fig. 3). Additional hydrogen bond formation 
in the excited state is evident from the two curves of Fig. 4. 
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Table 2 also contains the results of measurements in the aromatic solvents 
benzene and o-chlorotoluene. The experimental accuracy of the figures given in 
this table is believed to be +8 per cent. Values of the equilibrium constant, K*, 
of association in the excited state have been calculated from K° and Aj, using 
equation (4). With these values an estimate of the dissociation rate constant 
ea = k,/K*) of the excited complex can be obtained. They are of the order of 


TABLE 2. HYDROGEN BOND FORMATION OF 3- HYDROXYP RENE AT 20°. 


Solvent: Methy Icyclohexane (» = 0-734 cP) 


As,” | kite k, 
(cm~*) | (1. mole~') (l. mole~")| (1. mole sec"! 


Acceptor (1. . mole~*) 


Pyridine 2 
a-Chloropyridine 


Solvent: Benzene (7 = 0-649 cP) 


Pyridine : 
7 


Solvent: o-Chlorotoluene (» 1-02 cP) 
Pyridine 78 | 200 0-67 . 10 
aC hloropyridine 8 16 | 0-39 . 10" 


* Difference of wavenumbers at half maximal height as shown in Fig. 3 


It is evident that 3-hydroxypyrene forms stronger hydrogen bonds in the 
excited state than it does in the ground state and that pyridine is a much stron; ger 
hydrogen bond acceptor than 2-chloropyridine, not only in the ground st: ate 
(K") but even more so in the excited state (K*). 

The rate constants k, are just of the order of magnitude (10 |. molesec~) 
expected for diffusion-controlled reactions in these solvents. The difference 
between pyridine and 2-chloropyridine, observed in all three solvents for the 
rate constants k,, can be accounted for by steric hindrance due to the chlorine 
atom in the a-position. Similarly, the generally lower k, values in the aromatic 
solvents indicate an inhibition of the hydrogen bond formation in these solvents. 
This effect probably depends on the solvation of the aromatic reactants and may 
tentatively be ascribed to a small amount of activation energy (~500 cal) 
necessary for partial desolvation of the reactants prior to hydrogen bond 
formation. 


Vv. ACID-BASE REACTIONS 


The spectral shifts, Av,, which are observed when hydrogen bonds are 
formed with 3-hydroxypyrene indicate an increase of 0-5—1-0 kcal of hydrogen 
bond energy in the excited state. They are, however, small compared with the 
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spectral changes which occur with the dissociation of aromatic acids, i.e. with 
the complete transfer of the proton to an accepting base. (It is also in this respect 
that hydrogen bond formation can be considered as the preliminary stage of 
acid dissociation.) Some Aj, values connected with acid dissociation are given 
in Table 3. Each value is the arithmetic mean of the spectral shifts in absorption 


TABLE 3 


A 
Ai, P 


| 
(10° cm-*) | from eqn. (20); from kinetic 
measurements 


x-naphthol 3-45 2 

}-naphthol 33, 2:5 

2-naphthol-5- 41, 0-5 
sulphonate 

-naphthol-6- + 03 
sulphonate 

5,8,10-trisulphonate 

3-acetylaminopyrene- + 
5,8,10-trisulphonate 

acridinium cation 


03 


0+03 
3+03 


tw 


and fluorescence. pX* values of the excited acid can be obtained with equation 
(4) which may be used in the more convenient form: 


0-625 
pK* = pK — (20) 


According to the spectral shifts which are generally observed with acid 
dissociation, aromatic acids can be classified in two groups. Acids belonging to 


R R 
roup I: Ar*OH; NH; NH*; SH; 
group 
R 


have pK* < pK. 
Whereas those of 
R R R’ 
group II: COOH; Ar: C=OH*; Ar:C==NH*; Ar >NH* 
have pK* > pK 
Since many of these differences in acid strength amount to six or more orders of 
magnitude, the excited molecules are able in the excited state to undergo acid- 


base reactions which do not, or to a much smaller degree, occur in the ground 
state. 


- 
| 

, 
Acid pX Ref. 

= 
(2:5) 

| 281 4 0-03 | 
| 0-73 + 0-07 | 
> 

= 166+005 | 2 
138005 | 2 
a 69 +02 23 
| 
1065 +005 | 24 
re 
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The acceptor most generally used is H,O and it was Férster® who could 
show by fluorescence spectroscopy that in aqueous solutions of aromatic hydroxy- 
and ammonium-compounds the acid dissociation equilibrium in the excited state: 

AH .H,O == A~ + H,O* (XID 
is at least partially established at pH values six or more units lower than the pK 
value of the ground state equilibrium. This is indicated by the appearance in 


T T 


3 
2 30 
V 
Fic. 5. Fluorescence spectra of f-naphthol in water at 25°. (1): pH 5-6; 
(2): 0-004 m HCIO,; (3): 015m HC 10,; (4): 0:02 mM NaOH; (5): 002m 
sodium acetate + 0-002 m acetic acid (pH = 5-7). 


neutral or acidic aqueous solution of the fluorescence of the dissociated form 
(for 8-naphthol in aqueous solution see Fig. 5). 

Similar qualitative results have been obtained with compounds belonging to 
group II. The solvent acidity required to observe the fluorescence spectra of 
the protonated forms of aromatic ketones and carboxylic acids is much lower 
than that which is necessary to obtain the corresponding absorption spectra™.*’. 
Likewise in neutral and weakly alkaline solutions the fluorescence of acridine 
extends to longer wavelengths including the spectral region where, in acidic 
solutions, the fluorescence of the acridinium cation is located**.** (v, Fig. 6). 
This indicates partial establishment in the excited state of the hydrolysis 
equilibrium: 


k 
H,O0 AH* + OH- (XIII) 


k 
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25 


Fic. 6. Fluorescence spectra of acridine in water at 25°. (1): pH 8-9; (3): 
0-05 M NaOH; (4): 0-005 m HCIO,; (5): 03m NH,CIO, + 0-03 m NH, (pH 
8-4). 


rs 


Fic. 7. Relative fluorescence intensities of -naphthol in water at 25° as a 

function of H,O* ( ) and acetate ( ) concentration, respectively. 

Open circles indicate relative intensity of naphthol fluorescence (p/9,); filled 

circles indicate relative intensity of naphtholate fluorescence (y'/¢’,) . (@’/q@o’ = 1 
is reached in alkaline aqueous solution at pH 12.) 
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Results of quantitative measurements are presented in Figs. 7 and 8 for p- 
naphthol and acridine. The relative fluorescence yields y/¢ and y'/p'g which 
can be independently measured with the aid of suitable filters (F, in Fig. 2) can 


now be used to evaluate the rate constants k and k of the reactions (XII) and 
(XII]) if the respective lifetimes +) and 7,’ are known (all dashed quantities refer 
to the species formed by the reaction). Approximate values can be obtained due 


| 


0- 
c(mole/i) ——= 


Fic. 8. Relative fluorescence intensities of acridine in water at 25° as a function 

of OH- ( ) and ammonium (— ) concentration, respectively. Open 

circles indicate relative intensity of acridine fluorescence (y/g,); filled circles 

indicate relative intensity of acridinium fluorescence (¢'/Po') . (y'/¢o' = 1 is 
reached in acidic aqueous solution at pH < 3.) 


to the following expressions which have been derived by straightforward steady 
state kinetics™. 


(21) 


Vo 


(22) 
Vo 


kr, + 


(c is the concentration of H,O* or OH™, respectively.) A more refined treat- 
ment?®, however, which is necessary in order to eliminate the effect of transient 
reaction rates has to take into account that it is only the fraction W of excited 
molecules which obeys equations (21) and (22), whereas the residual fraction, 


OH 
| 
05 
6 
NH. 
OH 
l 
1+ kr,'c 
= = 
+ kro + 
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| — W, fluoresces without having reacted. In other words, 1 — W is the pro- 
bability of finding at least one H,O* (or OH-) ion within the volume of diffusion 
around the excited molecules. This leads to the equations: 


( 
Vo kro kroc 


1+ kroc 


(23) 


(24) 


(25) 


As W can generally be calculated along the lines given by equations (12)-(15) 


when k is at least approximately known, it is possible by successive approxima- 
tion (a few steps only are necessary) to obtain the stationary rate constants with 
the aid of equation (25). 

The values thus obtained still depend, of course, on the ionic strength, J, of 
the solution, if the reaction takes place between charged particles. This is due 
to the screening effect of the ionic atmosphere on the charged reactants and can 
generally be described using Brénsted’s kinetic activity coefficient, F, by 


k(J) = k(0). F (26) 


where F is of the form (expressed in terms used with equation (9)): 


Inserting the appropriate numerical values for water at 25° one gets 


1-02VJ 
2VJ 


(28) 


Values of k(J)r» as obtained by the fluorescence method for the reactions indi- 
cated are plotted in Fig. 9 on a logarithmic scale against 1-02VJ/(1 + 2VJ). 
These data fit the straight lines of required slope within experimental accuracy 
thus proving that Brénsted’s kinetic concept is, indeed, applicable to this kind 
of reaction. Therefore, the most appropriate method to arrive at true rate 
constants independent of ionic strength is by plotting the right hand side 
expression of equations (25) and (31) against Fc. 

pX* values which have been obtained by this method from corresponding 
fluorescence measurements are listed in the fifth column of Table 3. This proves 


=. 

= || 

kr | 
= 

¥o l kro kroc 
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F = ap (27) 
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the reliability of equation (20) which has been derived neglecting differences of 
reaction entropies in ground and excited states. 

The proton acceptor strength of water as well as its ability to donate protons 
is rather weak and it is, therefore, not surprising that suitable bases and acids 
can efficiently act in aqueous solution even at low concentrations as proton 


——~ 


2005 aor 


005 


Fic. 9. Test of the Brénsted relation: log k(J)r_ = log k(0)r, 


acceptors and donors, respectively. Evidently, the effect of acetate ion on the 
dissociation of excited $-naphthol as shown by spectrum (5) in Fig. 5 isduetothe 
reaction: 


. . . 
AH + B- —> A~ + HB (XIV) 


where B~- = acetate ion. 


Q 
13 — 
CH 
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O,S NH + OH" 
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4 -0 3. 
2, 2,2. HS 
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On the other hand, spectrum (5) of Fig. 6 reveals that excited acridine can be 
protonated by ammonium ion, thus: 
k 


A + HB+ —> AH*+ + B (XV) 


where HB* = ammonium ion. 

The results of quantitative measurements for which buffer solutions (with a 
tenfold excess of the reacting species) have been used are given in Figs. 7 and 8 
by the broken lines. These and similar measurements with other systems have 
been carried out at pH values between 5 and 9, so that the backreaction of (XII) 


and (XIII) and consequently kr9'c of the foregoing equations can be neglected. 

Taking into account the probability, 1 — W, of finding at least one B- or HB’ 

ion, respectively, within the volume of diffusion around the excited molecules, 

one obtains*® the expressions: 


%o 


(29) 


(30) 


and _ (1 — W) thre (31) 

where c is the concentration of B- or HB~, respectively. It is with these equations 
that rate constants, k, of reactions of the type (XIV) and (XV) can be determined 
from measurements of relative fluorescence yields, if the respective lifetimes tT» 
are known. In order to obtain true rate constants which are independent of 
ionic strength, it is, of course, necessary to apply the same method as that 
mentioned above with equation (25). 

A number of acid-base reactions thus evaluated are given in Table 4. Two 
reactions, (1) and (2), measured by Eigen and co-workers*’*' are also listed. 
Values of y, quoted in the fourth column, have been calculated from rate con- 
stants with the aid of equation (9) which (for rate constants independent of ionic 
strength) is of the form: 

6 

k = ykp = y* 4ra( + é= 

Relative diffusion coefficients, (D4, + D,), have been calculated from ionic 

conductances and, for uncharged molecules, taken from the literature or evalu- 

ated by means of the nomogram of Othmer and Thakar"’ . a = 7:5 A was used 

throughout. This value seems justified for two reasons. (i) 7-5 A corresponds to 

two or three layers of water molecules between the proton exchanging groups. 

(ii) With reaction (1), a < 7-5 A leads to y > 1. So, if a common value is chosen 
for all reactions, it must not be smaller than 7-5 A. 


(32) 


| 

l kr kr 
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It is seen that y < | for all reactions except (1). These deviations from unity 
can at least partly be explained by the reasonable assumption*»™ that a steric 
probability factor, o, must be taken into account to allow for the possibility that 
no reaction will occur unless the reactants come into contact with their mutually 
reactive sites. Thus, one can write: 


= (33) 


where p is now the probability that the actual proton transfer will take place 
when a sterically favourable encounter of the reactants occurs. Single steric 
factors, o, and o, ascribed to the respective reactants may be visualized as the 
spatial angle into which or from which protons can be donated or accepted, 
respectively. It is due to this concept that some of the values given in the sixth 
column of Table 4 have been obtained. Assuming that p is very near unity for 
reactions which are associated with a high value of the equilibrium constant, and 
since no steric requirements are involved with H,O* and OH-, o = } can be 
assigned to the acetate ion and to the naphtholate ion, ¢ = } to acridine and so 
on. 

Furthermore, the statistical factor, Ao, which removes contributions to K due 
to symmetry can be expressed by: 

Ao = (34) 

where o, and a,’ refer to the backreaction. Values of Ao can be derived from 
statistical mechanics™ or, more intuitively, by the method of Brénsted® and are 
an additional source of information. For instance, if ¢ = | is assumed for the 
ammonium ion, ¢ = } for ammonia follows from Aa of the acid dissociation. 

The over-all reaction scheme for acid—base reactions can now be formulated 
as follows: 

AH* + B*— (AH - HB) + HB**! (XVI) 


ks 


All steps except those indicated by k, and k_, are diffusion-controlled. 

The following expressions of the probability p (and p’ for the backreaction) 
can be derived from this scheme, if the concentration of the encounter complexes 
is assumed to be small compared with that of the reactants or products: 
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The latter expression follows from equations (32), (33) and (34) with: 


= (38) 
kjk G3 


D 


Upper limits of the rate constants which have been calculated" by means of 
- D D)N'— (39) 


are listed in Table 4. This expression can be derived from equations (32), (33) 
and (35) with the assumption that the equilibrium, determined by the rate 


TABLE 5. ACID—BASE REACTIONS WHICH FOLLOW THE N-MECHANISM. 


AH* B’ | 


AcrH* + OH 

ActH* (Mg(H,O), - OH] 

DH** + (CH,),NH 

DH*- + CH,- NH, 

NH,* + Acr 

H,BO, + Acr 1-6 

DH*- + (CH,),N 1-7 9-8 
+ NH, 3-4 9-2 


constants, k, and k_,, is established at once when an encounter of the reactants 
occurs (this means k, > k_,). The agreement with experimental values is re- 
markably good. It can therefore be assumed that, in general, the proton transfer 
equilibrium, k,/k_», is practically established during the time of encounter. 
However, there are six notable exceptions, which are listed once more in 
Table 5, together with three other reactions which obey the rule. The calculation 
of the rate constants for those six reactions evidently suffers from the neglect, 
in equation (39), of the term k_,/k,. It follows from equation (33) and (35) that 
this term can be obtained from experimental values with the aid of the expression 
“192 (40) 
k. Cc 
Whereas for all other reactions this ratio, k_,/k,, is between 0 and 0-2, it becomes 
important for those six of Table 5. Furthermore, a correlation seems to exist 
between k_,/k, and pK, in such a way that k_,/k, increases with decreasing 
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No 
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5 | 6-9 
6 10-6 
19 10-6 
7 6-9 
8 69 
16 92 
l 17 9-2 
9 69 
10 69 
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base strength of the acceptor. There is, evidently, no correlation at all with 
This behaviour can be understood along the following lines of reasoning. Two 
different mechanisms of proton transfer can be visualized to take place between 
an acid and a base which form a sterically favourable encounter complex with, 
say, three water molecules in between: 

(1) the P-mechanism with the proton travelling from acid to base: 


H H H H 


-HO---HO----HO--: 
H H H 


which will occur when 
l 
pA log ra 
“uw 
where K, is the ionization constant of water, and 
(2) the N-mechanism which can be described by the proton-hole (defect- 
proton) moving from base to acid: 


:---OH::: eee Bre » 
H 


H 
occurring when 


l 
P 


(42) 


With both mechanisms it is evidently the first step which determines the rate of 
transfer. 

It is clear that all reactions of Table 5 fulfil condition (42), and thus follow 
the N-mechanism with the internal hydrolysis of the base being the rate deter- 
mining step. While the amount of free energy which has to be afforded with 
this step may be somewhat modified by the polarization effect of both, the 
charges (z, and z,) and the existing hydrogen bonds, it is, essentially, given by 
2:303RT (14 — pK,,). It is thus due to this amount that k, becomes comparable 
to or smaller than k_, if pX,, < 11, even though free energy is gained in the 
over-all reaction. 

This theory, although being admittedly incomplete, outlines the essential 
features and allows an adequate and consistent interpretation of the experimental 
results. 

It must be emphasized that the mechanism of acid-base reactions here dis- 
cussed should, of course, apply equally well to reactions which do not involve 
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excited molecules. Its special characteristic lies in the assumption that the 
reactants are still hydrated when the proton exchange takes place. The reason 
for this behaviour must be sought in the ability of water to form chains of hydro- 
gen bonds and in the Grotthuss-type migration of the proton (or proton-hole) 
along these chains. These two requirements are also fulfilled with lower alcohols. 
A similar mechanism of acid-base reactions can, therefore, be predicted in these 
solvents, whereas a different mechanism may be expected to occur in higher 
alcohols, and particularly, in solvents which are not associated through 
hydrogen bonds. 


VI. ISOMERIZATION 


Fluorescence studies of compounds with intramolecular hydrogen bonds®*.** 
have confirmed the predictions made (v. p. 200) concerning the relative acidity 


Fic. 10. Fluorescence spectra of o-methoxybenzoic ester and salicylic ester in 

methyl-cyclohexane; with —.—.— ordinate scale ten times larger. (Curves 

represented by — — — and are drawn rather arbitrarily to separate 
the two fluorescence components.) 


of substituents in ground and excited states. Moreover, they have yielded some 
interesting results with respect to proton transfer across hydrogen bonds. 

The fluorescence spectra in methyl-cyclohexane solution of salicylic ester 
and o-methoxybenzoic ester are given in Fig. 10. These spectra, very strikingly, 
differ in spectral position by more than 5000 cm~'. The corresponding spectral 
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shift in absorption is less than 1000cm~'. Furthermore, a short wavelength 
component of the fluorescence spectrum of salicylic ester is observed in methyl- 
cyclohexane or benzene solution, but not in alcohols or ethers as solvents. With 
decreasing temperature this short wavelength component decreases in intensity 
relative to the main component in the blue region. Similar effects** are exhibited, 
although sometimes less pronounced, by almost any compound which suitably 
combines a substituent of group I and one of group II in ortho position. 

All these phenomena can be simply explained by the assumption of proto- 
meric isomerization in the excited state. Thus, the reaction taking place in the 
case of salicylic ester can be described by: 


(XVID 


(A) 


The main fluorescence component is now to be ascribed to the form A’, whereas 

the short wavelength component whose spectral position is very similar to that 

of the fluorescence spectrum of the methoxy derivative is evidently emitted from 


the form A. 

Quenching experiments with carbon disulphide or oxygen show that both 
components are equally quenched. It can, therefore, be concluded that the 
equilibrium (XVI) is, at least around room temperature, fully established within 
a time which is much shorter than the mean lifetime of the excited molecules. 

While the value of the equilibrium constant in the excited state, K* = k/k’, 
is not known exactly, its temperature dependence and, hence, the reaction 
enthalpy in the excited state, AH*, can be determined using the ratio of the 
fluorescence intensities at 27,700 cm! and 22,600 cm~ (fluorescence maxima of 
components). A logarithmic plot of this ratio against (T)-* (between 25 and 
— 100°C) yields AH* = —1-0 + 0-5 kcal/mole. (Because of the increased dipole 


character of A’, an even more negative value of AH* may be expected to occur 
in polar solvents and would thus explain the absence of the short wavelength 
component in solvents like alcohols or ethers.) As the spectral shift of 5100 
cm~ corresponds to 14-5 kcal/mole, the reaction enthalpy in the ground state 
amounts to 13-5 + 6-5 kcal/mole. 

With these values the energy diagram of Fig. 11 has been constructed. It 
shows, schematically, the potential energy of the proton as a function of O—H 
distance. The height of the potential barrier is still unknown. An upper limit 
can be obtained from the fact that the relative intensity of the short wavelength 
component is lower at liquid air temperature than at room temperature. This 
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indicates considerable proton transfer even at low temperatures, thus kr» > 1. 
With ~ sec and 


k = BT (43) 


where vo, = frequency of OH stretching vibration one obtains: E < 2-6 kcal/ 
mole. Fluorescence studies of O-deuterated salicylic ester have shown® that 


Fic. 11. Semiquantitative diagram of the potential energy of the proton between 
hydroxy group (left) and carbonyl group (right). 


this value is still too high. Because of the lower zero-point energy of the OD- 
vibration, a value of 
E < 2 kcal/mole 

is in accordance with the finding that the fluorescence spectra of the deuterated 
compound are identical, within experimental accuracy, with those of the pro- 
tonated compound at each temperature. 

It is planned to extend these investigations to lower temperatures in order to 
decide the question of quantum-mechanical tunnelling in these reactions. 
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I. INTRODUCTION 


Investigations of the mechanisms of nucleophilic substitution at a saturated 
carbon atom have shown that two important and fundamental routes are pos- 
sible'”". One called the Sy2(S = substitution, N = nucleophilic, 2 = bimole- 
cular) mechanism* consists of a single step synchronous bond-making bond- 
breaking process. In it the nucleophilic reagent Y displaces X from its attach- 
ment to carbon 
R, R, 
R,—C—X Y—C—R, 
Sy2 
Ry R; 
The attacking reagent combines with the carbon atom at the opposite side of the 
leaving group, thus causing inversion of configuration.* The back side attack 
by the nucleophilic reagent is probably due to the fact that carbon in the 
configuration (I) 


would, because of the exclusion principle, be more stable than in any other 
configuration involving partially broken and partially formed C—X and C—Y 
bonds. Orientation in bimolecular nucleophilic substitution does not appear to be 
clectrostatically determined as has been shown for the attack of the acetate anion 
on optically active a-phenylethyltrimethylammonium cation,‘ the attack of bro- 
mide anion on x-phenylethyldimethylsulphonium cation’ and most conclusively 
for the attack of the azide anion on a-phenylethyldimethylsulphonium cation.* 

When back side attack is prevented by the geometry of the molecule there is 
no S,2 substitution. This has been elegantly demonstrated’ for the bicyclic 
compound, !-chlorocamphane.* 

CH,—CH, 
Me 


Me 
CH,—CH, 


* However, the displacement of chlorine by an Sy2 mechanism is also extremely difficult 
since the structure of the bicyclic cage is such that it precludes any approach towards planarity 
and it also inhibits appreciable solvation at the back of the carbon atom undergoing covalency 
change. 
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The other mechanism,® called S.1 (S = substitution, N = nucleophilic, 
| = unimolecular) consists of a preliminary bond heterolysis to give a carbonium 
ion intermediate which then reacts rapidly with the nucleophilic reagent Y. 
However, not every two-step mechanism proceeding through carbonium ions is 
necessarily S_1. Consider the schematic reaction mechanism 


Te 


If vs > vy and vr, is relatively slow then we have the familiar S_1 mechanism, 
since only one molecule (R,R,R,C— X) necessarily undergoes covalency change 
in the transition state. But if vr, > v, the rate determining step for the substitu- 
tion by reagent Y is no longer the bond heterolysis but the reaction between the 
carbonium ion and the nucleophilic reagent Y. This mechanism has been called 
S$ 2C* (S = substitution, N = nucleophilic, 2 = bimolecular with a carbonium 
ion C*)*. The carbonium ion intermediate for both S.1 and S 2C* can be 
either a kinetically free ion or the cationic partner of an ion pair. It is seen that 
both the S_2 and the S$ 2C* reactions would be first-order with respect to both 
[R,R,R,CX] and Y, while the S_1 reactions would be in the limit (i.e. when 
', > vg) first-order with respect to [R,R,R,CX] only. Under solvolytic condi- 
tions, e.g. Y = ROH, the simplest kinetic test of mechanism, i.e. the order with 
respect to reagents, is unavailable since the concentration of the solvolytic 
reagent remains effectively constant during the reaction. It was shown, however, 
that salt effects could provide a diagnosis of the mechanism of substitution in 
such solvolytic reactions. The diagnosis depends on the circumstance that the 
bimolecular mechanism S 2 reduces to a first-order process while the S.1 
mechanism does not necessarily do the same’. 

The distinction between S,1 and Sy2 mechanism is not always a sharp one, 
and borderline cases do occur®:!°"”’, Such borderline cases seem to arise parti- 
cularly in solvolytic reactions because of the dual role of the solvent as ionizing 
agent and as nucleophilic agent. In the reviewer’s opinion there appears to be 
scope for both concurrent as well as intermediate Sy1—S,2 mechanisms as 
originally visualized*. The concurrent mechanisms would predominate in non- 
solvolytic media where the stoicheiometric composition of the transition state is 
more clearly defined, the possible structures of the transition state more easily 
scrutinized, and where very short-lived intermediates cannot be captured irre- 
versibly by a solvent molecule in the solvation cage. Benson" has recently 
remarked that much of the controversy in the interpretation of solvolytic 
reactions should be attributed to the fundamental complexity of such molecular 
systems in contrast to the necessarily oversimplified models which are presented 
in order to explain them. 


: 
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Collision and Encounter 


Two solutes far apart will take some time to diffuse towards each other, but 
when they have met they will be surrounded by a cage of solvent molecules and 
will undergo a large number of repeated collisions before either collapse or 
parting company. Such a group of repeated collisions is termed encounter. In 
4 process where a large proportion of the collisions are effective, the rate will be 
determined by the encounter rather than the collision number, since only the 
first collision, or possibly the first few collisions in each encounter would be 
of importance’. This is probably why the more reactive carbonium ion 
intermediates, i.e. the short-lived ones, tend to combine indiscriminately with 
the first nucleophile they meet, while the more stable ones show a preference™ 
for reacting with the more nucleophilic reagent. 


Il. BIMOLECULAR NUCLEOPHILIC SUBSTITUTION 


For certain bimolecular reactions between two ions, the solvent influence 
has been explained by treating the medium as a continuous dielectric and by 
assuming that the solvent acts solely by virtue of its dielectric effect". The 
success of this theory, though strictly limited, has led Laidler and Eyring™ to 
extend it to ion-dipole and dipole dipole reactions. All these treatments are 
essentially ones in which electrostatic theory is applied to the equilibrium 
assumed to exist between reactants and activated complex. Another theory 
which also stresses the dielectric effects of the solvent, but is concerned with the 
electrostatic interaction during the formation of the activated complex rather 
than with its final character, has been developed by Moelwyn-Hughes". This 
treatment has been applied to the interpretation of the magnitude of the fre- 
quency factors in solution. 

Hughes and Ingold have suggested" that a subclassification of both Sy2 and 
Syl reactions according to charge type provides a useful way of rationalizing 
certain kinetic differences. The substituting reagent before reaction may be 
negatively charged, Y~, or neutral, Y, and the expelled group before reaction 
may be formally neutral, RX, or positive, RY*. These dual possibilities which 
are independent of each other were divided into four charge types* (Table 1) 

Concerning the reactants and the respective transition states the following 
assumptions have been made: 

(1) Solvation will increase with the magnitude of the charge. 

(2) Solvation will decrease with increasing dispersal of charge. 

(3) The decrease in solvation due to the dispersal of a charge will be less than 
that due to its destruction. 

Concerning solvents, the word ‘polarity’ was used synonymously with the 
‘power to solvate charges in solutes’ and this has been assumed to (i) increase 


* When the group YX is neutral but R is negatively charged, as in the a-bromoacetate ion 
special considerations would apply depending upon whether Y is neutral or negative"*. 
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with the molecular dipole of the solvent, (ii) decrease with increased thickness of 
shielding of the dipole charges. 

With these assumptions the gross effect of solvent change for reactions of 
different charge type have been predicted as follows. For Sy2 reactions, a more 
polar solvent would strongly facilitate reaction between two neutral molecules, 
since partial charges are generated in the transition state, but it would greatly 
decrease the reaction between two ions of opposite sign since charges are being 
partially cancelled in the transition state. For reactions between an ion and a 


TABLE 1. CHARGE TYPES OF BIMOLECULAR NUCLEOPHILIC SUBSTITUTION (Sy2) 


Type Initial state Transition state Final state 
1 + RX YR4 


2 RX 


R 
3 + YR+X 
R 


4 4 RX? Xe YR+ 4 


neutral molecule, the total amount of ionic charge is the same in magnitude in 
the initial and transition state, but it is spread over more atoms in the transition 
state, and an increase in the ‘polarity’of the solvent should show a small decrease. 


A. Type 1:RX-neutral and Y-neutral 
The best known example in this group, with the exception of solvolytic 
reactions, is the Menschutkin reaction. This is the name usually given to the 
reaction between a tertiary amine and an alkyl halide to give a quaternary 
ammonium salt: 
R,N + RX R,N*X- R,N* + 


Menschutkin'® measured the velocity of reaction between triethylamine and 
ethyl iodide in twenty different solvents, and found that the reaction velocity 
varied nearly a thousand-fold. The same reaction has been investigated also by 
Grimm, Ruf and Wolff*® and reactions of similar charge type have been studied 
in a variety of solvents**” “. From a crude application of electrostatic theory, 
the free energy of activation would be expected to be inversely proportional to 
the dielectric constant of the medium. A plot of relative rates against reciprocal 
of the dielectric constant shows a trend towards higher rates in solvents of higher 
dielectric constant, but the proportionality is far from exact. Indeed, solvents 
cannot be treated as continuous dielectric media and in the vicinity of the 
reacting species the solvent molecules would play a more specific role. Actually 
a comparison of rates shows that for most functional groups the use of an 
aromatic solvent leads to higher rates than does the use of the corresponding 
aliphatic derivative of similar dielectric constant, and this generality seems to 


| 
ic 


Nucleophilic Substitution at a Saturated Carbon Atom in Non-hydroxylic Solvents 221 


extend to multiple rings. This effect probably occurs because aromatic solvent 
molecules are capable of further stabilizing the charge separation in the transi- 
tion state of a Menschutkin type reaction because of the high capacity for 
polarizability of the z-electrons in the aromatic ring. 

Kirkwood™ has suggested the use of (D — 1)/(2D + 1), where D is the 
macroscopic dielectric constant, as a function Proportional to the free energy of 
activation. While the logarithms of the rates of some Menschutkin reactions in 
benzene-alcohol mixtures show a linear dependence against this function, those 
in benzene-nitrobenzene mixtures give definitely curved plots. Judging from the 
effect of solvent on quaternization rates, the capacity to stabilize the developing 
charges in the transition state is a rather specific chemical property of the solvent, 
and one that is at best only partially coincident with the dielectric constant.2° 
In a Menschutkin reaction the developing anion and cation require different 
solvating characteristics. Electrophilic solvents (water, alcohols, phenols and 
acids) make good solvates for anions and for partly developed anions, while 
nucleophilic solvents (amines, ethers, alcohols, water) make good solvates for 
cations. Water and alcohols, which combine both requirements, can effectively 
solvate both the anionic and the cationic part of a dipole. The problem is 
further complicated by the fact that the very property which makes electrophilic 
substances capable of solvating anions makes them also capable of solvating 
neutral nucleophilic reagents and, in particular, amines. Such solvation would 
reduce both the nucleophilicity and the base strength of a given amine. Pearson 
and Voglsong™ have shown that by changing the solvent, either primary, 
secondary or tertiary amine can be made the strongest base, and there is no 
reason why similar, though not necessarily parallel effects should not be observed 
with respect to the nucleophilicity of primary, secondary and tertiary amines 
towards a saturated carbon atom. Dialkyl sulphides are much less prone to 
electrophilic solvation and in particular to hydrogen bonding, but only a very 


limited study* of reactions of the type RX + RS = RSX = R,S+ + X- has 
so far been carried out. 

The rate of reaction of methyl bromide with pyridine in benzene is enhanced 
by the addition of hydrogen bonding agents, such as methanol. phenol and p- 
nitrophenol, the rate enhancement increasing with the acidity of the hydroxylic 
addend™. More recently it has been shown” that added nitrobenzene enhances 
this reaction as much as methyl alcohol does, and also that the various catalytic 
curves are rarely linear over a sufficient range. These catalytic effects appear to 
be better classified as arising from the stabilization of the incipient charges in the 
transition state by a polar co-solvent effect rather than as any stoicheiometric 
complex formation between amine, alkyl halide and one molecule of the co- 
solvent. 

There are far too few free ions in benzene to affect appreciably the free 
energy of the transition state in a Menschutkin type reaction. The weakly 
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accelerative, approximately linear, approximately additive salt effects which are 
observed with added tetra-n-butylammonium bromide, perchlorate and nitrate 
seem best ascribed as arising from the abundant ion-pair form of these salts in 
benzene*’. 


B. Type 2: RX-neutral, Y-negative 


For the displacement of a neutral molecule by an ion a number of cases are 
known in which the decrease in the solvating power of the medium results in a 
rate increase. In relative terms, other things being equal, the lower the energy 
of solvation of an anion the more enhanced would be its nucleophilicity. The 
change from water to acetone increases the second-order rate coefficient in the 
iodide ion—methyl iodide reaction** by c. 10*. Similarly the change from ethanol 
to nitromethane increases the second-order rate coefficient of the azide ion-ethyl 
bromide reaction*® by ca. 500, even though the dielectric constant increases 
from D = 25 to D = 37. Indeed, the solvating capacity of most non-hydroxylic 
solvents is low, and this in itself can lead to ion-pairing. lon-pairing would 
reduce the nucleophilicity of the anionic reagent and would manifest itself by a 
decrease in the second-order rate coefficient with an increase in the total con- 
centration of the saline species**-*. The second-order rate coefficient for ex- 
change between lithium radiobromide and n-butyl bromide in acetone at 25 
decreases by a factor of 3-6 for a 400-fold increase in salt concentration, and 
Evans and Sugden* have shown that a constant value is obtained, on the assump- 
tion that only the dissociated bromide ion is reactive. In all cases in which such 
analysis has been carried out,*'**.* the reactivity of the dissociated ion was 
found to be larger than that of the ion-pair, although the exact contribution of 
the latter is difficult to assess. The apparent nucleophilic order Lil > LiBr > 
LiCl in acetone® can be brought into accord with the reverse one observed with 
tetra-n-butylammonium halides, Bu,NCl > Bu,NBr > Bu,NI if the second- 
order rate coefficients are divided by the respective degrees of dissociation* of 
the salts*. The nucleophilic order for the free halide ions in acetone is Cl- > 
Br~ > I- but because the free energy for electrostatic solvation decreases in the 
order Cl > Br- > I the nucleophilic order becomes reversed in water, i.e. 
I- > Br- > Cl-. In principle, from the viewpoint of the anionic reagent, ion- 
pairing is itself a special type of electrophilic solvation. 

In benzene the bulk of the saline material is in the form of ion-pairs and, 
notwithstanding their lower relative nucleophilicity, their overwhelming excess 

* The association phenomena induced by Coulomb forces between ions do not display the 
same degree of discontinuity which is in general considered characteristic of chemical processes 
It must therefore be considered an open question whether it is possible to maintain a sharp 
distinction between ‘associated’ and ‘dissociated’ ions and in particular whether one can clearly 
and unambiguously state the ‘degree of dissociation’ of an ion-pair. In terms of statistical 
representations, however, it is interesting to note that in some solvents the ‘line of demarcation’ 


between ‘free’ and ‘associated’ ions, as obtained by conductance, is not so very different from 
that obtained by kinetic studies or from the law of mass-action. 
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over free ions makes them the dominant substituting agent. When the bulk 
solv Saline material appears predominantly in a given form, steady second-order 
rate coefficients are obtained. This occurs in water and methanol, where the 
equilibrium (M*X~),oiy = Me* sory + Xyoiy is predominantly to the right, and it 
occurs in benzene® and in acetic acid, where the equilibrium is predominantly 
to the left. In the former, the substitution is entirely by free ions, in the latter 
almost entirely by ion-pairs. 


C. Type 3: RX-positive and Y-neutral 


In principle, this substitution is similar to charge type 2 just described. The 
first example, however, to be kinetically investigated*’ is the reaction of a tri- 
alkylamine with a trialkylsulphonium cation: 


64 + 
Me,N + MeSMe, ->[Me,N ... Me... SMe,]-» Me,NMe + SMe, 


The weak negative salt effects observed in this reaction are in accord with pre- 
diction for a bimolecular reaction in which the overall charge is the same in 


TABLE 2. COMPARISON OF THE RATES AND OF THE ARRHENIUS PARAMETERS OF 
REACTION OF TRIMETHYLAMINE WITH TRIMETHYLSULPHONIUM NITRATE 
IN DIFFERENT SOLVENTS ALL AT 44-6 


Solvent Water Methanol Ethanol Nitromethane 


10* k,, 1. 6°53 413 775 
Rel. rate I 6 10 119 
A, sec”! 1. mole"! 49 x 3-05 x 10" 9-44 x 10° 1:90 10° 
E, kcal mole~? 23-07 21-6 20-55 18-0 


magnitude in the initial and transition state, but it is spread over more atoms in 
the transition state. It is, however, also in accord with the effect ion-pairing 
would have on the ‘electrophilicity’ of the saturated carbon atom undergoing 
covalency change. A comparison of rates and of Arrhenius parameters in four 
different solvents is given in Table 2. The reduced rates in the more polar sol- 
vents are ascribed essentially to two effects. On the one hand the energy of 
solvation of the smaller ion in the initial stage is larger than that of the larger ion 
in the transition state. This leads to an increase in E with stronger solvation. 
On the other hand, the solvation shell is less ordered around the larger ion, and 
there would be a relative gain in its statistical probability which would produce a 
rise in entropy with stronger solvating media. It appears to the present author 
that in a more quantitative treatment, account would also have to be taken of 
the solvation of the amine whose nucleophilicity is strongly reduced by hydrogen 
bonding media. 
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D. Type 4: RX-positive and Y-negative 

In reactions of this type charges are being destroyed in the transition state 
and the reaction rates increase with decreasing power of the medium to solvate 
charges in solutes. It has often been found that the first-order rate coefficients 
of decomposition in tri-n-alkylsulphonium halides vary little throughout a given 
run, while the second-order rate coefficients show a strong increase**. A re- 
examination of these decomposition reactions in various solvents**.° shows that 
these reactions are nevertheless bimolecular, but that they are subject to very 
large negative salt effects which tend to mask the true kinetic order of these 
processes. When, however, the change in ionic strength is ‘swamped out’ by the 
use of a high concentration of inert salt, the true kinetic order can be confirmed 
unambiguously**. In hydroxylic solvents the nucleophilic order is*® I- > Br- 

Cl-, and it would be of interest to determine the order in non-hydroxlic 
solvents. 


Ill. CARBONIUM-ION REACTIONS 


A. Equilibria: Ionization and Dissociation 


Triphenylmethyl halides and related compounds are known to be in equili- 
brium with carbonium ions in suitable solvents. Spectrophotometric measure- 
ments of triphenylmethyl compounds in liquid sulphur dioxide indicate that the 
perchlorates are almost completely ionized while the chlorides are only partly so. 
Liquid sulphur dioxide, in spite of its low dielectric constant (15-4 at 0°) promotes 
not only ionization but also dissociation because of its high capacity for ion 
solvation. Carbonium ions are not solvolysed by it and triphenylmethyl chloride 
can be recovered after removal of solvent. 

Conductance of triarylmethyl halides in liquid sulphur dioxide measures only 
free ions, the concentration of triple ions being negligible for a uni-univalent 
electrolyte in a medium of this dielectric constant and high solvating power. 
lon-pairing, however, takes place and while it does not contribute to the observed 
conductance it leads to a constant, Keong, Which is composed of an ionization 
constant to ion-pairs, K,, and a dissociation constant of ion-pairs to free ions, 
K, as indicated below": 


K, Ky 
Ph,CCl == Ph,C+Cl- == Ph,C* + Cl 


[Ph,C*}[CI-] KK, 
cond" {{PhyCCl] + [Ph,C*CI-]} 1+ K, 


Spectrophotometry, in contrast to conductance, measures free-ions plus ionic 
aggregates rather than free ions alone. Such measurements with triphenylmethyl 
chloride in liquid sulphur dioxide show™ that the concentration of triphenyl- 
methyl cations (either free or part of ionic aggregate) is larger than that detected 
by conductance (free ions alone). The addition of chloride ions in the form of 
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the largely dissociated tetra-alkylammonium chlorides reduces the concentration 
of free triphenylmethyl ions by mass law effect leaving the concentration of the 
coloured, but non-conducting, triphenylmethyl chloride ion-pairs practically un- 
changed, except for a general salt effect on K,. This limiting attainable colour 
discharge depends on the stoicheiometric concentration of triphenylmethyl 
chloride and on the temperature. It provides a direct measure of the concentra- 
tion of free carbonium ions, while the amount of colour left provides a measure 
of the carbonium chloride ion-pairs. Thus spectrophotometry in conjunction 
with conductance, or in favourable cases in conjunction with common ion 
mass-law repression, enables one to evaluate separately an ionization constant 
to ion-pairs and a dissociation constant of ion-pairs to free ions. For triphenyl- 
methyl chloride in liquid sulphur dioxide K, = 1:3 « 10-* at 0° and K, = 3-0 
10-* mole 1.-* at 0°. 

In discussing ‘ionizing solvents’, it is most important therefore to differentiate 
between their capacity to assist ionization and their capacity to sustain dissociation. 

When triphenylmethyl chloride dissolves in nitromethane the characteristic 
yellow colour of the carbonium ion appears to be produced practically instan- 
taneously. Bentley, A. G. Evans and Halpern® showed that the ratio of coloured 
to colourless material is approximately constant independent of stoicheiometric 
concentration, so they concluded that the colour arises from the conversion of a 
small portion of solute molecules into ion-pairs: 

Ph,CCl Ph,C*Cl 
[coloured] [Ph,C*Cl-] 
[colourless]  [Ph,CCl] 

Recent studies have, however, shown“ that freshly dissolved solutions of 
triphenylmethyl chloride contain hydrogen chloride to an extent measured by an 
equation of mass law type, and that chloride ions discharge completely the 
colour and that the conductance of such solutions, after correction for the 
hydrogen chloride present, is in accord with ionized carbonium ions being com- 
pletely dissociated. The experimental results of Evans et al. are shown to be in 
accord with dissociated carbonium ions if account is taken of the stability of 
HCl,~ in nitromethane. 


B. Kinetics 


1. The ionization step—Reactions can proceed via carbonium ions even when 
the equilibrium is too unfavourable or the subsequent reaction of the carbonium 
ion intermediate is too rapid for its existence to be demonstrated by direct 
measurements. The ionization step of a neutral organic substrate (like an alkyl 
or aralkyl halide) is envisaged as simply a heterolysis of the carbon-halogen 
bond. In heterolysis, solvation forces are of prime importance, but if that would 
require calling the reaction polymolecular then so are, in principle, most hetero- 
lytic substitution reactions in the condensed phase. Conversely, the absence of 
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appreciable solvent effects indicates that the reaction proceeds without charge 
separation (e.g. Claisen rearrangement). Solvent effects are not negligible, even 
when appreciable bond cleavage occurs without charge separation, for even free 
radical reactions (i.e. homolytic reactions) are subject to solvent effects. The 
Hughes-Ingold definition of molecularity in condensed phases has therefore 
concentrated attention on the number of molecules necessarily undergoing 
covalency change in the rate-determining step, and has deliberately excluded for 
reckoning molecularity the participation of solvent-structure interaction, hydro- 
gen bonding, 7-complexing and dipole-dipole association. This definition was 
drawn more tightly than if it had referred to the stoicheiometric composition of 
the activated complex, including those molecules which are involved in stabilizing 
it. This definition is very useful, for, in principle, the so/vated transition state is 
actually a population of variable geometry, variable topology and variable 
composition. 

The transition state of the ionization step of a neutral molecule corresponds 
to a stage in between a dipole and an ion-pair, i.e. to a stretched partial bond 
and a partial charge transfer. It is not an ion-pair which in principle is an 
intermediate and not a transition state. Indeed, while with respect toconductance 
an ion-pair is no different from a dipolar molecule, spectroscopically it has the 
resonance stabilization of the component ions. As to the magnitude of the 
dipole moment of the activated complex, Bateman, Church, Hughes, Ingold and 
Taher® were able, by extending the Debye-Huckel theory to activity coefficients 
of dipoles, to treat the ionic strength effects quantitatively in both aqueous 
acetone and liquid sulphur dioxide. The equation was found also to work 
satisfactorily in nitromethane®. Nash and Monk® have reanalysed the data in 
aqueous acetone by correcting for partial association of the saline species and 
find that the agreement is still fair. On the other hand, Spieth and Olson argue 
against the quantitative approach which they say does not work satisfactorily for 
known dipoles, and hence would not be expected to be particularly successful 
with the dipolar activated complex. 

Most significant in stabilizing the activated complex in the transition state 
appears to be the ability of electrophilic solvents to solvate the anionic part of 
the dipolar activated complex, and of nucleophilic solvents to solvate the cationic 
part. Such solvation is by many solvent molecules, i.e. clusters of undefined 
size, and not by any stoicheiometric complex formation between solvent and 
solute’. Alkyl and aralkyl chlorides, bromides and iodides are, however, subject 
to little or no catalysis by solvated protons in those solvents in which the 
corresponding acids are fully dissociated. But non-hydroxylic solvents, even 
those of rather high dielectric constant, are usually poor ion solvators, and one 
may observe ion-association, not as a consequence of uncommonly strong ionic 
interaction, but rather as a consequence of low solvation energy**. Even in a 
solvent like nitromethane (D = 37) hydrogen halides are not only incompletely 
dissociated but also incompletely ionized. Further, in many non-hydroxylic 
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solvents, the hydrogen bichloride ion, HCI,~, is stable and molecular hydrogen 
chloride is a strong electrophilic catalyst*”” 

Dilution of an ethanolic solution of benzhydryl chloride with nitrobenzene 
or acetone which does not lower the dielectric constant, retards alcoholysis much 
more than in proportion to the dilution of the solvent®®. Bartlett and Nebel™ 
were the first to carry out the dilution process to an extreme by studying the 
methanolysis of p-methoxybenzhydryl chloride in nitrobenzene solution and 
have observed that in the limit the rate-determining step involves a single 
molecule of methanol. The experiments were carried out, however, in a solution 
saturated with amine hydrochloride and common-ion retardation might have 
been sufficiently powerful to shift the emphasis from an Syl to an Sy2C* 
mechanism. The ionization of tert.-butyl bromide in nitromethane is catalysed 
by various hydroxylic reagents*-**. 

In poorly ionizing media, the inclusion of a salt may drastically alter the 
relative ionizing power of the solvent, and this has far reaching consequences, 
since the presence of anionic nucleophiles in a poorly ionizing medium need not 
necessarily promote Sy2 at the expense of Sy1*. 

Winstein and his associates™ have elaborated the Syl mechanism to explain 
special salt effects in the acetolyses of some sulphonates in acetic acid (D = 6-2). 
These authors develop the idea that the ionization reaction of a neutral molecule, 
RX, should be dissected into three and not two separate stages: R*X~ is an 
intimate or internal ion-pair and consists of a pair of ions held in contact by 
Coulomb attraction, with no interposed solvent molecules and with the electrons 
located in orbitals belonging exclusively to one or the other partner; R*| X~, an 
external ion-pair, is the same pair of ions separated by one or at the most a few 
solvent molecules and held together by Coulombic attraction; R* + X~ are 
kinetically free ions. R*X~ and R*|| X~ are ionized but not dissociated, whilst 
R* + X~ is both ionized and dissociated. It is considered that the product may 
be determined at the various stages indicated in the scheme below with appro- 
priate stereochemical and kinetic consequences: 

The authors have used the following main criteria in their interpretation. With 
some optically active bridged cations the rate of racemization can be identified 
with the forward reaction RX —» R*X~-. Because bridged cations are, from 
steric causes, immune to back side attack, solvolysis must involve external ion- 
pairs and may involve free ions. Added salts, e.g. lithium perchlorate, may be 
efficient traps for solvent separated ion-pairs R* || Li) ClO, —> R*| ClO, + 
Li*||X~ and prevent return to RX, a large positive (‘special’) salt effect is 
then observed. Above a certain concentration of lithium perchlorate all return 
from R*\ X~ is prevented and what follows is a small linear salt effect. 

More recently, it has been shown that some relatively simple aralkyl halides 
racemize in liquid sulphur dioxide,® nitromethane,®.™.*” acetic acid®* and in 
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80 per cent aqueous acetone®* faster than their rates of radiochlorine exchange 
with saline chloride, of elimination and of solvolysis all combined. It is clear 
that in these cases the transition state for racemization must be lower in free 
energy than that for chemical reaction. In the limit, the racemization could be a 
one- or a two-step process. In the former, hydrogen and chlorine bound to 
asymmetric carbon must exchange position by some intramolecular tunnelling. 
In the latter a sufficiently long lived ion-pair intermediate would have to be 
proposed to allow one ion to rotate relative to its partner. Thus in a two-step 
process, racemization measures only a fraction of the total rate of ion-pair 
production, since in principle many more returns should proceed with retention 
of configuration. The kinetic deuterium isotope effects for racemization in 
liquid sulphur dioxide® and in nitromethane® are very similar in magnitude to 
those observed with simple unimolecular solvolytic processes. This observation 
seems to the author to be a strong point in favour of a two-step racemization 
process. Further, when the separating group is neutral and the heterolysed 
intermediate is no longer an ion-pair, as in the perchloric acid catalysed reaction 
of p-methyldiphenylmethyl [carboxy™C] acetate** in glacial acetic acid, the rate 
of *C exchange is practically identical with that of racemization. 

2. The recombination step—The use of a non-hydroxylic solvent accentuates 
the common-ion effect. With isotopically labelled common-ion, exchange can 
proceed at both the free ion stage and the ion-pair stage, so that with such 
kinetic measurements one obtains only an upper limit to the true common-ion 
effect. The common-ion mass-law effect is often utilized in kinetic studies as a 
diagnostic test for free carbonium ions. It is important to note, however, that 
saline chlorides depress the rate of reaction of triphenylmethyl chloride with 
various nucleophiles in benzene, a medium (D = 2:2) in which one can hardly 
suggest free carbonium-ion intermediates®. It therefore appears that in solvents 
in which ionic aggregation is dominant, repression of rate by saline species 
having a common anion with the reactant is not a diagnostic test for free ions. 
The occurrence of ionic aggregates in benzene, acetic acid and ether is well 
supported by physical data. 

3. The product-forming step—Bimolecular reaction between rapidly formed 
carbonium ions either dissociated (C*) or as partners of an ion-pair (C* X-) and 
nucleophiles such that the product-forming step is rate-determining are classified 
respectively Sy2C* and Sy2C*X~. A known example of this type is the alkaline 
fading of crystal violet® a reaction which has an activation energy of c. 15 kcal 
mole~ and shows a primary salt effect which accords quantitativ ely with Debye- 
Huckel theory for reactions between two oppositely charged ions. In principle, 
however, even if the ionization step is not particularly fast but the recombination 
step is faster than the product-forming step, one obtains an Sy2C* process. 
Thus, from the point of view of the substituting agent, some Friedel Crafts 
alkylations are Sy2C* processes®™. 

Triphenylmethyl chloride is in equilibrium with triphenylmethyl cations in 
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nitromethane solvent and its reactions with hydroxylic compounds in the pres- 
ence of pyridine were shown to be Sy2C* reactions. More recent work by the 
author has shown that these reactions in the absence of pyridine are also Sy2C*. 

On the other hand, with less stable carbonium ions, the ionization step 
becomes rate-determining. Thus, in liquid sulphur dioxide, benzhydryl chloride 
reacts at approximately the same rate with amines and fluoride ions®. In 
nitromethane™ and in acetone®, the reactions of tert.-butyl bromide with various 
nucleophiles, in low concentration, occur at approximately the same initial rate. 
Similar observations were made with tert.-butyl chloride*”’ and benzhydryl bro- 
mide in nitromethane®. With the latter compound the entire unimolecular 
component of substitution could be suppressed by added common-ion. 

The rates of reaction of m-chlorobenzhydryl chloride and tert.-butyl bro- 
mide” with tertiary amines in sulphur dioxide, while showing the most diagnostic 
feature of the ionization mechanism, i.e. common-ion retardation, deviate from 
that mechanism in that they are sensitive both to the nature and to the concentra- 
tion of the substituting agent, though in the latter not nearly as much as bi- 
molecular reactions. 


C. Reactions in Media of Low Ionizing Power 


In recent years it has been suggested that since bond heterolysis is facili- 
tated by both nucleophilic and electrophilic solvation, a termolecular process 


involving simultaneous push-pull provides a truer mechanistic representation 
than either Sy1 or Sy2°*. In support of this, Swain has claimed that the reaction 
of triphenylmethyl chloride with methanol in benzene is first-order in aralkyl 
chloride and exactly second-order in methanol, giving third-order kinetics 
overall®*. These reactions were carried out in the presence of a tertiary amine 
which combines with the acid produced and causes the reaction to proceed to 
completion. With both amine and amine hydrochloride present no mass law 
effect was observed with externally added saline chloride. Swain and Kreevoy®™® 
next found that the exchange between triphenylmethyl chloride and saline 
radiochloride and fluoride was first-order in aralkyl halide, but zero order in 
saline material; but second-order kinetics were observed when phenol was added, 
first-order in aralkyl halide and first-order in phenol. For azide substitution in 
the presence of phenol, third-order kinetics were observed, first-order in each 
reactant. These reactions were interpreted as push-pull termolecular processes 
in which zero, one or two solute molecules replace benzene in the activated 
complex of the transition state. In support of this theory it has been claimed®® 
that the reaction of triphenylmethyl chloride with variously substituted benzyl 
alcohols in benzene solvent is first-order in aralkyl halide and second-order in 
alcohol. The substitution reactions of triphenylmethyl chloride in benzene have 
been reinvestigated by Hughes, Ingold, Mok, Patai and Pocker®*. The radio- 
chlorine exchange with tetra-n-butylammonium radiochloride has been shown 
to be an Syl reaction proceeding through a slowly formed intermediate; the 
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initial specific rate of radiochlorine exchange was retarded by added tetra-n- 
butylammonium azide. Added nitro- and hydroxy-compounds were found to 
increase the rate of radiochlorine exchange, but the catalysts exhibited no 
integral kinetic order which remained constant over a significant range. The 
role of these molecules was described as a co-solvent effect. Similar conclusions 
were observed with respect to azide substitution, methanolysis and benzyl 
alcoholysis in benzene solvent. In the last two reactions, hydrogen chloride and 
tetra-n-butylammonium perchlorate act as catalysts. Detailed examination of 
the kinetic forms, the relative rates of the various reactions and of the relative 
rates of capture when two competitors are present lead the author to suggest 
that two possible rate-determining steps are involved in these reactions with an 
intervening fast dipole association step. An important feature is a quad- 
rupole rearrangement as represented in the scheme below for an exchange 
reaction: 


RCI == RC M+ X~ = RVX-M*C 


ly 
RX 

In a recent paper, Swain and Pegues’® have abandoned the termolecular 
mechanism. In fact they adduce evidence that the order in methanol in the 
methanolysis of triphenylmethyl chloride in benzene (in the presence of tertiary 
amine) never falls below unity. Leffek has shown that tertiary amines have a 
marked affect on the radiochlorine exchange and also a somewhat retarding 
effect on the methanolysis. However, even in the absence of amine, there is a 
dependence on the concentration of alcohol. Leffek™ has further shown that 
when the methanolysis is run simultaneously with the benzyl alcoholysis in 
benzene solvent, the rates are additive as would accord with the above mentioned 
ionization scheme with the quadrupole rearrangement being slower (the free 
energy barrier higher) in alcoholysis than the return of the ion-pairs to covalent 
form, so that the former becomes rate-determining. A similar conclusion was 
reached by Hudson and Saville”? for the alcoholysis reactions of the triphenyl- 
methyl chloride in carbon tetrachloride. 

By working at low concentrations of saline material, Miss A. V. Lennard” 
was able to show that in the limit. tetra-n-butylammonium radiochloride, thio- 
cyanate and azide react with triphenylmethyl! chloride at about the same rate as 
would accord with ionization as the rate-determining step for anionic exchange 
reactions. 
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I. INTRODUCTION 


The investigation of the kinetics of reactions catalyzed by soluble enzymes 
provides a fertile field for the application and extension of experimental methods 
and theoretical ideas developed in studies of other areas in chemical kinetics. 
Most enzymes are such efficient catalysts that kinetic studies are carried out at 
extremely low concentrations of the enzyme relative to the concentrations of the 
species involved in the over-all reaction. As a result most enzyme-kinetic studies 
are performed in the steady state phase of the reaction where it is not possible to 
detect intermediates in the reaction directly. Nevertheless, various conclusions 
about the nature of intermediates in a reaction may be reached on the basis of 
steady state kinetic studies. We will emphasize the possibilities and limitations 
of such studies. However, in some systems the intermediates may be directly 
observed. 

A number of books and reviews have been written recently which describe 
the status of studies of enzyme kinetics and their bearing on the dev elopment of 
enzymatic mechanisms!*. 


Il. TRANSIENT STATE KINETICS 


At the present time the elucidation of the mechanisms of enzyme reactions 
in terms of chemically reasonable intermediates is in its infancy. The mechanisms 
of enzyme action are capable of virtually unlimited refinement with increasing 
experimental details demanding the inclusion of more intermediates. The 
description of a reaction mechanism in terms of a given set of intermediates is 
operationally sound only when each intermediate is defined by some unequivocal 
observation, e.g. spectroscopic identification. The experimental difficulties en- 
countered in the detection and characterization of intermediates whose con- 
centrations cannot exceed that of the total amount of enzyme present are quite 
great but, hopefully, not insurmountable. 

In most studies of enzyme kinetics these transitory intermediates must be 
effectively at their steady state concentration levels—an inference drawn from the 
kinetics of the overall reaction. The amount of kinetic information derivable 
from such studies is severely limited by the virtually unchanging concentration 
levels of the reaction intermediates. 

This problem can be brought into rather sharp focus by considering the 
kinetics of a slightly extended version of the original Michaelis-Menten mechan- 
ism. Reaction (1) describes an enzyme catalyzed reversible reaction involving a 
single intermediate 


II-(1) 


E+ p+ p 
=: = 
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The two independent differential equations for the appearance of the product of 
concentration (P) and intermediate of concentration (X) are written below in 
terms of the total concentration of enzyme (£), and substrate (S), 


d(x 


dt 
+ — ky P) + ky + X) + ky XP Il-(2a) 


k_(P)\(X) —k AE)o(P) II-(2b) 
The conservation of enzyme in all forms, i.e. (E)y = (£) + (X) and substrate 
in all forms, i.e. (S)yo = (S) + (P) + (X) has been employed in writing these 
expressions. 

In general these non-linear differential equations have been found to be 
intractable insofar as analytic solutions are concerned. Attempts to develop 
solutions by the use of analog computers have been made’. However, for the 
special case that the bimolecular rate constants k, and k_, are equal, equations 
(2a) and (2b) are integrable without approximation®. The solutions for the 
special case (S)y > (E), can be written 


t 
(X) = Il-(3a) 


KAS)o | 
k(S)o + ky + ke 
where "1 = th and 7, = + kME)o 
The exponential e~“”: can be associated with the transient state behavior of the 
system while e~“”: is to be associated with the steady state. The condition 
(S)o > (E)o is sufficient to insure that +, < 7», i.e. the half life of the pre-steady 
state phase is very short compared to the half life of the overall reaction. For 
sufficiently small values of the ratio (E)9/(S), the kinetic behavior after very 
short time intervals corresponds to that given by the steady state term in equation 
(3b). In fact, for (E), = 5 « 10-' Mand (S), = 10-* M, insertion of minimum 
values of the rate constants appropriate to the fumarase catalyzed hydration of 
fumaric acid shows that within 10~* sec (X) is within 0.001 per cent of its steady 
state value while (P) has reached only about 0.001 per cent of its equilibrium 
value*. 

Development of solutions of the differential equations (2a) and (2b) by a 
perturbation technique*® when k, # k_, in powers of (k, — k_,) shows® that 
(S)9 > (E)o is sufficient to guarantee early attainment of a steady state in product 
formation for 0.1 < k_,/k, < 10. 

Measurements on enzyme systems which permit examination of the build up 
of the concentrations of intermediates with increasing time must in general 
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involve comparable concentrations of substrate and enzyme if the early steps in 
the reaction are to be detected. The macromolecular nature of enzymes with 
the concomitant small mo/ar solubility of these proteins requires that this parity 
be achieved by operating with a low concentration of substrate viz. 10-* — 10-*. 
Experimental investigations of the above type were begun a number of 
years ago by Chance’? on the hemoprotein catalyzed transfers of hydrogen from 
H,O, to peroxide (catalatic action) and from hydrogen donors other than H,O, 
to peroxides (peroxidatic action). Such studies are feasible for these systems 
owing to the formation of complexes which strongly absorb light in the visible 
and near ultraviolet regions of the spectrum". The rapid flow techniques 
originally devised by Hartridge and Roughton™ as applied to those systems have 
permitted spectroscopic observations of intermediates a few milliseconds after 
the mixing of enzyme and substrate solutions. 

In a relatively recent summary” of the kinetic data for the catalase reaction, 
the following mechanism has been proposed where E is the catalase molecule 
and X, and X, are intermediate complexes 


—> 11-(4a) 
II-(4b) 


X¥,—> E+ + 2H,O 


The rate constants for this sequence of steps’ are given as k, = 
10° sec*, ky = 1.5 sec", and k, = 3 x 10’m-'sec. is 
a ternary complex involving combination of two molecules of H,O, with 
catalase. In Chance’s notation X, is referred to as complex I of H,O, and 
catalase. However, ¥, cannot be identified with either complex II or III which 
are unreactive species formed by the enzyme and H,O, at higher concentrations 
of the latter". 

Wang'*-"’ has recently studied the decomposition of H,O, by an Fe*** 
chelate complex of triethylenetetramine which shows some interesting parallels 
to catalase action. Noteworthy in this regard is the finding that both the model 
compound and catalase generate O, from the intact O—O bond in hydrogen 
peroxide by a hydride ion transfer mechanism'*. The postulated mechanism for 
the model compound does not involve a ternary complex’’. 

Complexes I of catalase and peroxidase are spectroscopically identical accord- 
ing to Chance™*. A minimal mechanism for the peroxidatic reaction" is 


E + H,O,—> X, 


X, + AH, —> E+ A+ 2H,O 1I-(5b) 


where no provision has been made for an intermediate ternary complex. Here 
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AH, is the hydrogen donor species. The reverse rate constants for the dissocia- 
tion of the complexes have been estimated to be < 0.02 sec~' for catalase- 
peroxide complexes and < 3 sec~' for some peroxidase-peroxide complexes*®,*", 
Donor species for the peroxidases which have been studied contain phenolic and 
amino groups. Bimolecular rate constants, corresponding to k, in the above 
mechanism, as high as 8 x 10’ M~' sec! for p-hydroxy biphenyl have been 
measured", Of possible relevance to the above reactions are the studies of 
George and Irvine*.* on ferrimyoglobin catalyzed oxidations by H,O, which 
have been interpreted in terms of intermediate changes in the oxidation state of 
the iron in this hemoprotein. Reaction mechanisms for hemoprotein catalysts 
in general may require extension to include similar changes in the oxidation state 
of the iron for many catalytic processes. 

In recent years there has been a renewed interest in fast reaction methods 
with the hope of studying the kinetic details of systems involving enzymes other 
than the hemoproteins. Gutfreund and Sturtevant**-** and their associates have 
adapted the stopped flow technique of Gibson®*, coupled with rapid scanning 
spectrophotometry, to detect the products formed in the pre-steady state stage 
of the action of several proteolytic enzymes on esters. These studies have been 
interpreted in terms of the following mechanism*’.** 


11-(6a) 


¥,= 4 I1-(6b) 


- 


X= E+P I1-(6c) 


In this scheme S represents the ester, P’ the alcoholic moiety, and P” the acid 
moiety of the ester. X, is an acylated form of the enzyme while X, is an ester- 
enzyme complex. 

Stimulated by such experimental studies there has been much interest in the 
approximate solution of the differential equations governing the kinetics of 
reaction schemes such as II-(6)**.°°-™, Straightforward integration under the 
following conditions, (1) (S)y > (E)o, (2) there has been sufficiently slight reaction 
that (S) ~ (S)po, and (3) the reverse reactions involving P’ and P” can be neglected, 
yields solutions for (P’) and (P”) presumably valid during the transient period in 
the reaction. For reaction scheme (6) these expressions take the form for dP’/dt 
of the sum of three terms. One term represents a constant rate of production of 
P’ to be associated with steady state concentrations of X, and X, while two 
exponential terms are associated with the rates of build up of these steady state 
levels®. 

Considerable success has been achieved in studying the early stages of the 
chymotrypsin catalyzed hydrolysis of p-nitrophenyl esters, e.g. p-nitrophenyl 
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acetate. These studies have been based on the observation that one mole of 
p-nitrophenol per mole of chymotrypsin was rapidly liberated followed by a slow 
hydrolysis of a presumably acetylated enzyme™*-*’. The p-nitrophenol can be 
readily detected spectrophotometrically. The rate of appearance of this species 
(P’) combined with steady state data on the overall kinetics of the reaction have 
been interpreted to give values of k, and k, of 3 and 0.025 sec™ respectively for 
p-nitrophenyl acetate®. Apparently the establishment of a steady state con- 
centration level in X, occurs so rapidly that no information concerning k, and 
k_, can be obtained. More explicitly the exponential term in the expression for 
(P’) as a function of time pertaining to the build up of this intermediate has a very 
small value of 7, (see equation 3(b)), i.e. less than | sec. Experiments with isolated 
acetylchymotrypsin® indicate that it behaves kinetically in the fashion 
anticipated for the intermediate X, in reaction scheme (6). 

The rates of production of both P’ from X, and P” from X, show a marked 
pH dependence when S is p-nitrophenylacetate. The unimolecular rate constants 
determined experimentally, k,’ and k,’, can be represented by 

k, 
ay 


ks 
ay II-(7b) 


k 3 


where a,, is the activity of the hydrogen ion®. The values of the acid dissociation 


constants K,’ and KX,” are of the order expected for the participation of an un- 
protonated imidazole group, e.g. ~ 10-7 in the reaction. 

Some recent studies of a similar type on the trypsin catalyzed hydrolysis of 
p-nitrophenyl acetate tend to indicate a parallel behavior for this system**. Both 
k, and k, are of the same order of magnitude as the corresponding rate constants 
for the chymotrypsin reaction with a pH dependence of k,’ consistent with the 
participation of an unprotonated imidazole group. 


Ill. STEADY STATE KINETICS 


A. Reactions Involving a Single Substrate 

The majority of kinetic studies on enzyme catalyzed reactions are made under 
so-called steady state conditions and really provide no direct basis for interpreta- 
tion in terms of mechanisms involving a specific number of intermediates. In 
some instances extension of such studies by varying certain experimental con- 
ditions, e.g. pH argues for interpretation in terms of some minimal number of 
intermediates. Quite generally, however, the kinetic parameters obtained from 


K; 
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these steady state experiments permit the derivation of certain conclusions valid 
for wide classes of possible mechanisms. 

The nature of these deductions is readily discerned by considering a reaction 
sequence describing the reversible interconversion of species S and P catalyzed 
by the enzyme E and involving an arbitrary number (n) of intermediates 

ka 
X¥, E+ P ill-A-1) 
The net rate of appearance of the ith intermediate d(X,)/dt can be written 
following Christiansen*®™ as 


d(x 


dt 
IIl-A-(2) 


d(x 
Invoking the steady state condition a | <|r,| for all intermediates, then 


=...= 0, =0 III-A~(3) 


d(P). 
= oa the steady state velocity. 

Employing the condition in equation (3) converts the n differential equations 
(2) to algebraic equations which can be solved recursively for the steady state 
concentrations of the intermediates in terms of v, (E), (S) and (P). These 


relations in conjunction with the expression for conservation of enzymatic sites, 


where v = 


i.e. (E) + > (X,) = (E)p, yield the Michaelis-Menten form for the steady state 
i=1 


velocity?-® 


(4) 


The Michaelis constants (K, and K,) and maximum velocities (Vg and V;,) 
appearing in this expression can be given the following general definitions® 


I1l-A-(Sa) 


IIl-A-{Sb) 
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(E)o 
K’ 
i=l 
n K,’ 
r=0 
n i-l 


> 


Kp 


x 
for 

l 
Ky = and K; =}. 
The four kinetic parameters in equation (4) are not independent in as much as 
when v = 0, 


where + 1 >r>i while forn+1>i>r 


(Pleq VsKp 1 


(Seq VpKs Ky 


a relationship between these steady state constants and the overall equilibrium 
constant (1/K;*") first pointed out by Haldane®. 

From expressions such as (5) it is possible to define lower limits for the 
unimolecular rate constants and the two bimolecular rate constants (k, and 
namely 


Vs 


Vp 
(E)o 
Vet Vp 
Vet Vp 


III-A~(6b) 


IlI-A-(7a) 


11I-A~(7b) 
The lower limits so defined are independent of the number (m) of intermediates 
included in the reaction sequence. The equality signs apply only when dealing 
with a one intermediate mechanism, i.e. the four kinetic parameters then deter- 
mine the four rate constants in such a scheme. 

Almost invariably mechanisms are proposed for enzymatic reactions which 
involve so many intermediates that steady state kinetic studies alone cannot 
provide sufficient data for the determination of the rate constants for specific 
steps (see, for instance, the proposals for possible mechanisms of chymotrypsin 
action®.**-#*), In particular most enzyme catalyzed hydrolytic reactions have 
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been amenable to study in only one direction. However, the lower limits quoted 
above can be recast to yield the following relations which are useful for such 
studies 


IIl-A-(8a) 


Il-A-8b 


Some information concerning the duration of the transient phases before the 
concentrations of intermediates are at their steady state levels can be deduced 
from these lower limits. For example, from the discussion of the transient state 
behavior for any two intermediate enzyme mechanism, e.g. chymotrypsin™, it 
follows that for high values of (S), 


l (E)oK 
I1l-A-(9a) 
KS), 


IIl-A-(9b) 


The quantities 7, and 7, roughly correspond to the times which are necessary 
for the first and second intermediates respectively to attain their steady state 
concentrations. Employing data accessible from steady state studies alone 7, < 

| sec and +, < 4sec for p-nitrophenyl acetate hydrolysis by chymotrypsin*’. 
In point of fact smaller values of the r’s than these upper limits are indicated by 
the transient state experiments®. For the fumarase catalyzed hydration of 
fumarate or the dehydration of malate, a similar analysis suggests that 7, < 
0.1 msec and r, < 1 msec are typical values to be expected under usual condi- 
tions of study®®. With mixing times of the order of a few milliseconds in the 
usual apparatus the lack of feasibility of this latter system for conventional 
transient state studies is patent. 

The above quoted lower limits on the bimolecular rate constants (equation 
(8b)) are of particular interest. For a number of enzymatic reactions these 
lower limits approach within one or two orders of magnitude the values derived 
from the Smoluchowski®' theory of diffusion controlled encounters (10%-10"” 
M~' sec™"). The bimolecular rate constant for such a process, i.e. the rate of 
diffusion of a molecule (the substrate) into a hemispherical sink (the enzyme) is 
given by*!.53 55 

2aN 


c= —— R,,(D, + D, I1I-A-(10 
k= Rix(D; + Ds) II-A-(10a) 


It has been shown that by making reasonable estimates for the diffusion coeffi- 
cients of substrate (D,) and enzyme (D,) and collision radius (R,,) in this familiar 


: 
do 
r <— 
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expression one could account for the high minimum values for the combination 
rates of both fumarate and malate ions (~10°-10" m~'sec~") with the enzyme 
fumarase™. The inclusion of possible electrostatic effects on the rates of diffu- 
sional encounters modifies the Smoluchowski expression as follows: 


R,(D, + Df 
where the factor f takes into consideration the electrostatic interaction of the 
charged species as modified by the ionic strength of the medium®™®-*, There is 
substantial evidence for the presence of electrostatic attractive forces facilitating 
fruitful encounters of fumarase with its ionic substrates*’. 

It should be noted that definition of pH independent parameters (maximum 
velocities and Michaelis constants) as in section IV results in higher calculated 
minimum values for these bimolecular rate constants. The large rate constants 
for combination of enzyme and substrate that are suggested by this analysis 
provide a mechanistic interpretation of one of the most striking features of 
enzymatic catalysis, namely, the capacity of low concentrations of substrate 
(10-*-10~* to ‘saturate’ the enzyme. 

It is of some interest to re-examine Slater’s®* attempt to infer the magnitudes 
of bimolecular rate constants from steady state studies on a number of enzyme 
reactions which are represented by admittedly too naive mechanisms. In point 
of fact his estimated values can be regarded simply as minimum values for the 
rate constants for the combination steps in reaction sequences made more 
complex by the inclusion of a number of intermediates. Laidler®® has also 
tabulated quantities which are in effect minimum values for the rate constants of 
combination of hydrolytic enzymes with a number of substrates. It is interesting 
to note that for a number of the systems considered by these two authors, rate 
constants of at least the order of 10° m~' sec~ are suggested. 

In this section as well as the previous one it was remarked that the chymo- 
trypsin catalyzed hydrolysis of p-nitrophenyl esters has been interpreted in terms 
of a two intermediate mechanism. The steady state rate of production of p- 
nitrophenol (P’) then is given in the usual Michaelis-Menten form 


d(P’) 
~ IlI-A-(11) 
(S)o 


+ k. 


where = and K,' = — 

2 ks 
The rate constants designated by primes are regarded as having pH dependencies 
of the type described earlier (see equations II-(7a) and II-(7b)). It has been 
demonstrated that k, is of the order of a factor of 100 smaller thank, *. As the 
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deacylation of the enzyme is thus substantially slower than the liberation of the 
phenolic moiety, the steady state maximum velocity (Vg) is very closely equal to 
k,'(E), or the deacylation rate. In this regard the studies of Kistiakowsky and 
co-workers on the ester hydrolysis by a purified horse liver esterase are of 
interest“, The steady state maximum velocities for the hydrolysis of pairs of 
esters of the same acids are not identical. As Craig and Kistiakowsky" point out, 
this result is not consistent with the deacylation step of a putative acyl enzyme 
complex being rate determining for this system in contrast to the «-chymotrypsin 
hydrolysis of p-nitrophenyl esters. 

The hydration of CO, by carbonic anhydrase has been studied recently under 
steady state conditions. The influence of variation of ionic strength on the two 
kinetic parameters (Vg and Kg) (see section IV) has been employed in an attempt 
to determine the three rate constants (k,, k_,, and k,) for a single intermediate 
hydration mechanism. The maximum velocity and Michaelis constant were 
found to follow the Brénsted—Bjerrum relation as a function of ionic strength in 
an approximately parallel fashion. This was interpreted in terms of a lack of 
dependence of k, and k_, on the ionic strength (see Section IV for a discussion 
of the hazards of such an analysis). A value of k, equal to 0.46 x 10° Mm~ sec™ 
was obtained™. This is about the magnitude of the lower limit for the rate 
constant for the combination step which would be inferred unambiguously from 
equation (8b). However, the unexplained role of the Zn atom in the catalytic® 
process leaves open the possibility that a rational interpretation may necessitate 
the inclusion of more intermediates in the mechanism. Most recently both the 
hydration of CO, and the dehydration of HCO, as catalyzed by bovine and 
human carbonic anhydrases have been studied using a spectrophotometric 
technique to follow the reaction by detection of pH changes™. For the bovine 
enzyme the bimolecular rate constant for combination of enzyme and CO, is 
greater than 1.2 x 10’ mM~' sec" as inferred from equation (7a) while for the 
reverse reaction the bimolecular rate constant is greater than 10° M~? sec? ®, 

Some recent steady state kinetic studies on the enzymatic decarboxylation of 
oxaloacetic acid have led to mechanistic proposals involving a minimum of two 
intermediates®. The absence of a carbon (C"*) isotope effect on the maximum 
velocity argues for a slower rate of desorption of pyruvic acid than carbon- 
carbon bond scission if one adopts a two intermediate mechanism. The reaction 
schemes considered are perhaps too simple for this enzyme system in which a 
metal ion seems to be implicated as well. 


B. Reactions Involving More Than One Substrate 


It may be stated rather generally that virtually all enzyme catalyzed reactions 
involve more than one molecular species as a reactant and one as a product. 
Frequently kinetic studies cannot conveniently be made while varying the con- 
centration of a second substrate, e.g. water in the reactions of the hydrolytic 
enzymes. Also, a reaction with its equilibrium lying too far in one direction may 


ee 
l 
— 


Physical Chemical Aspects of Enzyme Kinetics 247 


not be amenable to rate studies in the reverse direction, ¢.g. many hydrolytic 
reactions. However, there are a large number of enzymes where such studies are 
possible in both directions and at various concentrations of two or more react- 
ants and products. The dehydrogenases belong to this class. 

In their early work on horse liver alcohol dehydrogenase Theorell and 
Chance" suggested the following simple mechanism 


E+4A = EA I11-B-(1a) 


k 
EA 4 EC+D 111-B-(1b) 


EC E+C 
-3 
where B is an alcohol and D the corresponding aldehyde, while A and C are the 
oxidized and reduced forms of diphosphopyridine nucleotide respectively, i.e. 
DPN* and DPNH. Strictly speaking H* should appear on the right side of 
equation (1b) but the latter is usually maintained at a fixed concentration level 
by added buffer. 
The ‘initial’ steady state velocity in the forward direction (v,) for the above 
mechanism when (C) = (D) = 0 is given by 


U, k, k,(A) kB) (AB) 


and the corresponding quantity for the reverse reaction vr, by the symmetric 
expression 


kD) 


r 


I1l-B-(2b) 


The rate equations are most conveniently written in this form because the various 
constants may be calculated from linear plots of (£),/v, versus 1/(A) at constant 
(B) and secondary plots of the intercept and slope versus 1/(B)**. In this manner 
ks, k,, k, and k_, can be calculated from data on the steady state velocity of the 
forward direction while k_,, k_s, k_, and ky are obtained from the same analysis 
of rate data on the reverse reaction. Inasmuch as k, and k_, are obtained in 
two ways there is a check on whether a set of experimental data can be repre- 
sented in terms of the above simple mechanism. Of course the rate constants so 
determined must also yield the correct value for the equilibrium constant, i.e. 


(C)eq (Dox _ 


(Mog (Bog 
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In addition to involving two binary complexes (EA and EC) a somewhat more 
realistic reaction scheme could involve one or more ternary complexes. A 
mechanism of this type with a single ternary complex (EX Y) can be represented 
by 


III-B-(3a) 
III-B-(3b) 
III-B~(3c) 
I1I-B~(3d) 


The initial steady state velocities for the forward and reverse reactions are given 
by®® 


III-B-(4a) 


r 


III-B-(4b) 


By means of the method outlined above the eight rate constants appearing in this 
reaction scheme may be determined by studies on the rates of the forward and 
reverse reactions. However, there are no checks on the values of the individual 
rate constants other than that they yield the correct value for the equilibrium 
constant, i.e. 


This more complex mechanism may be demanded by the failure to obtain con- 
cordant values for the two rate constants (defined in the reaction sequence 
without a ternary complex) which can be independently determined by studies 
on the rates of the forward and reverse reactions. Also failure of these calculated 
rate constants to yield the value of the equilibrium constant would probably 
require extension of the mechanism to include a ternary complex. 

Elaboration of the reaction mechanism to include additional ternary complexes 
produces rate expressions for the forward and reverse reactions of the same form 
as those given above. For such reaction sequences involving only two binary 
complexes the four rate constants for the formation and dissociation of these 
complexes are always determinable from v, and v, studied as a function of the 
four concentration variables. In general only minimum values can be given for 
the remaining rate constants’®. Measurements of initial steady state velocities 
in the forward direction (v,) with only one of the product species, e.g. C, present 


ky 
E+ A= EA 
+ 
= EA + B== EXY 
ks 
EXY EC + D 
EC= E+C 
Rs 
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offers the possibility of obtaining a further check on a proposed mechanism and 
an additional means for determining the rate constants in the reaction sequence”. 
The mechanisms discussed above assume an obligatory order of reaction of 
substrates with the enzyme, ¢.g. A before B, etc. If one considers the possibility 
of alternate parallel paths, the rate equations become a great deal more complex 
and involve additional terms in (B)/(A), etc.”-7. As these alternate paths are 
linked by use of a common catalyst, the enzyme, and through one or more 
intermediates, the frequently quoted consequence of absolute rate theory that 
the composition of the activated complex may be inferred from the form of the 
rate law does not hold for the rate expressions for many enzyme catalyzed 
reactions”. 

Discussions of the kinetic results of the several dehydrogenase systems have 
invariably been in terms of obligatory reaction sequences. Further, the mecha- 
nisms proposed have been formal in character as the chemical nature of the 
intermediates is largely unknown. 

The kinetics of the reaction catalyzed by horse liver alcohol dehydrogenase 
(ADH) have been investigated in some detail by Theorell and co-workers®.7#- 77 
The kinetics of the overall reaction which may be written 


alcohol + DPN* == aldehyde + DPNH + H 11I-B-(5) 


can be studied by absorption or fluorescence spectrophotometry. The latter 
experimental technique which exploits the fact that DPNH fluoresces while 
DPN * does not, has permitted initial velocity studies at DNPH concentrations 
as low as 10-8 mM *, The six rate constants appearing in equations (la), (1b) and 
(1c) have been calculated from steady state kinetic data®.”*. The binding con- 
stants for DPN* (k,/k_,) and DPNH (k_,/k;) can then be calculated from rate 
measurements as well as by direct titration. The values obtained by these two 
methods are in good agreement for DPNH binding”. It is clear from the fact 
that the association constant for DPN* binding increases with increasing pH 
while that for DPNH binding exhibits the opposite behavior that these two 
complexes must be chemically quite different”®. Most recently it has been found 
that aliphatic amides markedly influence the emission wave length maximum and 
fluorescence intensity of the ADH-DPNH complex”*. This has been interpreted 
as arising from ternary complex formation of the amides with ADH-DPNH™”®. 
The amides compete with the aldehyde for binding sites as inferred from kinetic 
studies”. Aliphatic acids form ternary complexes with ADH-DPN* and com- 
pete with the alcohols for binding sites. Binding constants for these complexes 
have been determined fluorimetrically and are strongly dependent on the chain 
length of the inhibitors”. As pointed out by Winer and Theorell, the ternary 
complexes involving amides may closely resemble the as yet undetected ternary 
complexes involving enzyme, aldehyde and reduced coenzyme with a concom- 
tant similarity between the ADH-acid-DPN* complex and a possible ADH 
alcohol-DPN* species. 


17—(12 pp. 


250 LEONARD PELLER and Ropert A. ALBERTY 


Inasmuch as DPNH and DPN* do not ionize appreciably in the pH range 
where kinetic studies have been conducted, one might anticipate that k, and k_, 
in reaction scheme (1) would exhibit similar pH dependencies. A check on this 
and similar inferences is rendered difficult by virtue of studies being conducted 
in different buffer media’* where specific ion effects may complicate inter- 
pretation. 

Schwert and co-workers have made a thorough investigation of the kinetics of 
another dehydrogenase system—lactic dehydrogenase (LDH) which catalyzes 
the following reaction 


lactate -- DPN == pyruvate + DPNH -+ H l1I-B-(6) 


Most of the kinetic data are interpretable in terms of a mechanism with one 
or more ternary complexes*®:*". Moreover, the dependence of the various 
Michaelis constants and the two maximum velocities on pH has suggested the 
possibility of an imidazole group as well as a sulfhydryl group functioning in the 
catalysis™. 

Earlier absorption spectroscopic™ studies on this system revealed the exis- 
tence of an LDH—DPNH complex. Binding studies performed by ultracentri- 
fugation™ and fluorimetry®™ have indicated that there are four sites per molecule 
of LDH with which the coenzyme can combine. It is possible to check these 
values of the binding constants of DPN* and DPNH with LDH by the use of 
steady state kinetic data®*-**.™_ It is of interest to note that a lower limit for the 
bimolecular rate constant for the combination of LDH with DPNH is of the 
order of 10°m~'sec' which approaches that for a diffusion controlled 
process. 

In work which antedated similar studies mentioned above on the liver alcohol 
dehydrogenase, it was found that oxamate and oxalate acted as competitive 
inhibitors of pyruvate and lactate respectively**. These inhibition data are in 
agreement with the rate equations for a single ternary complex mechanism when 
the following subsidiary equilibria are considered 


E +1 = El (EXDMED = Ky, I11-B-(7a) 


EA + 1 EAI (EAXD (EAD = III-B (7b) 


EC + I= ECI = Kye; 


where / is either oxalate or oxamate. The postulated existence of inactive ternary 
complexes (EA/J and EC/) has received support from the effect of these two 
inhibitors on the fluorescence emission of LDH-DPNH™. Dissociation cons- 
tants of the inhibitors calculated from fluorescence measurements™ are in good 
agreement with those obtained from kinetic data™. 

The glutamic dehydrogenase (GDH) system has been the object of a recent 
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thorough study by Frieden**-*°. This enzyme catalyzes the following reversible 
reaction 


H,O + TPN* + glutamate = «-ketoglutarate + NH,* + TPNH _ III-B-(8) 


TPN* and TPNH are the oxidized and reduced forms of triphosphopyridine 
nucleotide but the enzyme can also utilize DPN* and DPNH as substrates. At 
concentrations of the coenzymes of less than 3 = 10~* M increasing concentration 
of these species seems to favor association of the enzyme while at higher concen- 
trations DPNH seems to promote dissociation as inferred from the sedimentation 
behavior of GDH**. Parallel kinetic studies suggest that the dissociated species 
may be catalytically inactive**:**. On the basis of various lines of evidence 
prominent among which is the form of the steady state rate law for the oxidation 
of TPNH, Frieden has concluded that there is a compulsory order of addition 
of the substrates—the sequence being TPNH, NH,*, and «-ketoglutarate®’. It is 
of interest to note that in this case as well as in the lactic dehydrogenase system 
a minimal value for the bimolecular rate constant for combination of enzyme and 
reduced pyridine nucleotide of the order of 10° m~' sec~ is indicated®’. 


IV. THE EFFECT OF CERTAIN VARIABLES ON THE KINETICS 


A. Hydrogen Ion 


Study of the effect of pH on the kinetics of enzymatic reactions provides 
information about the ionization of groups in the enzyme which exert a large 
effect on the reaction. This subject has been reviewed in various places'.*-*!.*, 
and so the discussion here will be confined to certain general considerations. 
The rates of almost all enzymatic reactions show a dependence upon pH in the 
range 5-10. It is quite common to find that the maximum velocity may be 
represented by an equation of the type 


IV-A-(1) 
l (H*)/Kyes + Kyes/(H*) 


which is to be expected if the enzyme-substrate compound exists in three ionized 
forms with only the intermediate ionized form capable of reaction to yield 
products. The first acid dissociation constant is represented by Kp, and the 
second by K,,5. The values of K,~¢ and K,~,5 may be readily calculated from 
the variation of maximum velocity with pH by use of the following relations™ 


Kies = (H*), + (H*), — (H*),(H*), I1V-A-(2) 
Kyes = 1V—A-(3) 


where (H*), and (H*), are the hydrogen ion concentrations corresponding to the 
half maxima on the acidic and basic sides, respectively, of the plot of V versus 
pH. 
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The effects of pH on the kinetics of the fumarase reaction have been investi- 
gated in some detail®’.**.® and they can be described by the mechanism 


IV-A-(4) 


where S and P represent the doubly charged anions of fumarate and L-malate. 
When there is more than one ionizable intermediate, as in this mechanism, the 
steady state treatment shows that the apparent ionization constants in equation 
(1) are not simply interpretable as ionization constants. In general these param- 
eters will be complex aggregates of rate constants and dissociation constants*™, 
However, for mechanism (4) plots of V.s/K, or V/V, versus pH yield the dis- 
sociation constants for the free enzyme, irrespective of the number of inter- 
mediates in the system™. Furthermore, V./K. for different substrates should 
depend in the same way upon pH provided that the same ionizable groups in the 


enzyme are involved in the mechanism for each substrate. 

The inhibition constant for an enzymatic reaction depends not only upon the 
affinity of an inhibitor for a particular ionized form of the enzymatic site but also 
on the effect of the bound inhibitor on the acid dissociation constants of groups 
in the enzymatic site*’. The competitive inhibition of fumarase by 4-carbon 


dicarboxylic acid anions, e.g. succinate, D-, L-, and meso-tartrate has been found 
to obey the expected simple equations and the first and second acid dissociation 
constants of the enzyme-inhibitor compounds have been determined®®. 

In investigating the effect of pH over a wide range it is frequently necessary 
to use more than one buffer, and so effects on the kinetics due to the binding of 
the components of the buffer by the enzyme, rather than simply effects of the 
binding of H*, may be encountered. Effects of this type have been minimized 
in some cases by using buffers of the uncharged acid—uncharged base type, e.g. 
tris-hydroxymethylaminomethane acetate by means of which a constant ionic 
environment for the enzyme may be maintained over a wide range of pH with 
only the concentrations of uncharged species varying with the pH. 

The influence of the ionization of the substrate on the kinetic parameters of 
an enzymatic reaction has been discussed by Frieden®*. It was shown that there 
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are several distinguishable kinetic cases even when the effects of substrate 
ionization are complicated by those of groups in the enzymatic site®*. 


B. Jonic Strength 

It is a general characteristic of enzymatic reactions that their rates are sensi- 
tive to the composition of the buffer medium at a given pH. Some of these 
effects can be readily accounted for by changes in the ionic strength of the 
medium'”®. Still other effects can be attributed to the binding of components of 
the buffer by the enzyme protein in such a way that the enzymatic activity is 
enhanced or diminished'’~'*. The inclusion of steps in the mechanism that 
involve the binding of components of the buffer leads to an altered interpretation 
of kinetic constants. As an example, the effect of the binding of buffer ions B 
on the kinetics of the fumarase reaction at a single pH value may be accounted 
for by adding the following steps to the basic mechanism: 


E-~ B= EB 1V-B-(la) 
E+ B= BE I1V-B-(1b) 
BE + S= BES = BEP = BE + P IV-B-(Ic) 
BE ~ B- BEB IV-B-(Id) 


Writing a substance at the right of E in a complex indicates that it is bound at the 
enzymatic site, while writing it at the left indicates that it is bound at a neighbor- 
ing site but where it still exerts an effect on the kinetics. When the ionization of 
these complexes is considered, it is seen ' that the pX values calculated from the 
effect of pH on kinetics may be expected to depend upon the buffer composition 
and concentration as well as the ionic strength. 

The rate constants of unimolecular steps in enzymatic mechanisms would not 
be expected to be significantly altered simply by changes in ionic strength. 
However, the rates of reactions in which charged species are brought together 
would be expected to be sensitive to changes in ionic strength as described in 
connection with equation III-A-(10b). Expressions for the electrostatic factor 
f introduced in this expression have been derived by Debye™ and by Verwey and 
Overbeek'™*. At infinite dilution of electrolyte the electrostatic factor / is given 
by 

L/Ry» 
exp(L/R,.) — 1 


IV-B-(2) 


where L = 2,z,e*/ekT (z, and z, are the number charges on the ions, e is the 
charge of the electron, ¢ is the dielectric constant, k is the Boltzmann constant 
and T is the absolute temperature). If electrolyte is present in the solution the 
enzyme and substrate ions are surrounded by ion atmospheres which will shield 
the charges and reduce the magnitude of f. A more detailed consideration leads 
to approximately the Brénsted limiting law'™. However, enzymatic reactions 
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may be expected to involve more complicated types of electrostatic interaction 
because of the effect of the charges on the enzyme molecule, in addition to those 
of the enzymatic site*’. 


C. Temperature and Pressure 

Temperature optima have been found for many enzymatic reactions, but 
the fact that a maximum is obtained is generally a consequence of denaturation 
of the enzyme at higher temperatures. When such irreversible effects were 
avoided, it was found for several enzymes that joined segments of straight lines 
are obtained by plotting log (rate) versus 1/7, with sharp breaks at ‘critical 
temperatures’. In the case of urease, where such breaks had been found, extensive 
experimental work by Kistiakowsky and Lumry'® showed that there was a 
gradual change in slope rather than a sharp break. This change in slope was 
demonstrated to arise from a change with temperature in the inhibition of the 
enzyme by sulfite ion. Regardless of the precise origin of departures from a 
simple Arrhenius behavior of such log (rate) versus 1/T plots, it would seem that 
analysis in terms of a sharp break’ at a definite temperature or temperatures is 
arbitrary and not too meaningful. 

In view of the fact that enzymatic reactions involve many steps, which, as 
a rule cannot be studied separately, it is difficult to interpret the effects of 
temperature and pressure on parameters which are in no sense to be regarded as 
rate constants or equilibrium constants. A large number of such studies have 
been made!”, but more thorough investigations are required before chemically 
meaningful results will be forthcoming. When the kinetics depend upon substrate 
concentration, pH and buffer concentration, each of these variables needs to be 
investigated at each new temperature and pressure. The interpretation of the 
temperature dependence of equilibrium constants, such as K,, and K,,», Kp;. 
Keni Ken 2nd Kp, and (p. 255), is the most straight forward 
because the enthalpy and entropy changes for the corresponding equilibria may be 
calculated. The study of the thermodynamics of the binding of acetyl-3,5- 
dibromo-L-tyrosine by chymotrypsin’ by equilibrium dialysis techniques is an 
example of such a study. This compound is a substrate in the sense that the 
enzyme catalyzes the exchange of the carboxyl oxygen with the medium. In this 
study it was not possible to calculate pH-independent parameters and there is 
the danger of binding at sites other than the catalytic site complicating the 
analysis. The binding constant for chymotrypsin and an inhibitor hydrocinnamic 
acid has been investigated as a function of temperature at a given pH and the 
enthalpy change derived from this study agrees well with that obtained directly 
from calorimetric measurements!®". 


D. Inhibitors and Activators 
The rates of enzymatic reactions are highly sensitive to the presence of 
diverse molecular species which may function as activators or inhibitors!.1®%, 
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An inhibition which is reduced by increasing the substrate concentration at a 
given concentration of the inhibitor molecule is termed a competitive inhibition. 
Such an interaction can usually be characterized by a dissociation constant (K,) 
for the competitive inhibitor (/) with the steady state rate expression modified in 
the following way 


V 
Kel 


As such inhibitors usually bear some structural resemblance to the substrate, the 
determination of these constants (K,;) may contribute much to an understanding 
of the nature of the interaction of enzyme and substrate. 

One of the complications in interpreting competitive inhibition constants 
is that they depend upon pH®':*’. In a simple case in which the enzymatic site 
may be considered to be a dibasic acid, the dissociation of the enzyme-inhibitor 
complex may be represented by 


Kens 


== 
4 

Kugr 
Keay 


== ! 


where K, and K, are the first and second acid dissociation constants. In this 
case the dependence of the competitive inhibition constant on pH is given by 


+ (H*)/K,» + Kyp/(H*) 
1 + (H*)/K, + 


K, = K,’ 1V-D-(3) 


Since K,, and K,, can be obtained from the effect of pH on the kinetics, the 
values of K,,,, and K,,,, can be evaluated from the dependence of K,on pH. The 
values of K,’ should be more amenable to simple structural interpretation 
than the values of K; since K,’ is the equilibrium constant for the combination of 
the inhibitor with a particular ionized form of the enzymatic site. 

The effect of pH on the inhibition of fumarase by a variety of competitive 
inhibitors has been studied'®*.'°*.**, The acid dissociation constants of the free 
enzyme and four E/ compounds are given in Table I with the values of Ky, ;, 
K »;,;, and K,,, at 0.01 ionic strength at 25°. 

In the case of a reaction involving more than one species as a reactant, such 
as the reactions catalyzed by the dehydrogenases, an inhibitor may combine with 
various intermediates as well as with the free enzyme. The contribution of such 


Kr 
El == 1+ 
EH 
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TABLE |. DISSOCIATION CONSTANTS OF THE FREE ENZYME AND THE FOUR INHIBITOR 
FUMARASE COMPOUNDS, IN TRIS ACETATE OF 0.01 IONIC STRENGTH AT 25°. THE 
SUBSTRATE WAS L-MALATE IN THESE EXPERIMENTS. 


pX, K, (um) 


Free Enzyme 6.3 
Succinate-Enzyme cpd 6.5 
D-tartrate-Enzyme cpd 
L-tartrate-Enzyme cpd 
Veso-tartrate-Enzyme cpd 1 


79 


studies to the development of an understanding of the nature of the various 
complexes has been discussed previously (Section III-B). 


E. lsotopes 

Many of the most interesting aspects of the pattern of specificity of enzymes 
have been revealed by the judicious use of isotopically labeled substrates'’®. The 
demonstration of the direct transfer of hydrogen atoms stereospecifically by 
various dehydrogenases to one side of the nicotinamide ring of DPN* through 
the use of deuterium labeled substrates is a particularly striking result". 
Stereospecific hydrogen atom transfers appear now to be ‘commonplace’ in 
enzymatic reactions, e.g. the dehydration of L-malate by fumarase''*-"* and the 
dehydration of citrate by aconitase!. 

Perhaps the most straightforward application of isotopes to the study of 
enzyme mechanisms has been the use of O'* to establish the bond which is 
cleaved in certain hydrolytic reactions, e.g. the C—O or O—P bond of certain 
phosphate esters'®.""", A large number of experiments have now been carried 
out which establish the position of bond scission for many enzyme-substrate 
systems"*, 

The early observation of the exchange of labeled orthophosphate with 
glucose-|-phosphate by sucrose phosphorylase in the absence of any net reaction'® 
has been followed by many similar studies''*. The information derivable from 
investigations of this type has been the subject of a recent inquiry by Boyer'*®, 
He has concluded that under certain special conditions dissociation constants 
for enzyme-substrate intermediates may be obtained from such studies, and 
further that they may help to illuminate the problem of distinguishing between 
obligatory and random order of addition of substrates’**. This latter question can 
seemingly be dealt with more directly by considering the differences in form of 
the steady state rate laws to be expected (see Section III-B). 

The analysis of isotope rate effects in enzymatic reactions is complicated by 
the fact that in most instances only steady state parameters such as maximum 
velocities are susceptible to measurement. The fact that isotopic effects on these 
complex kinetic parameters are frequently undetectable®:'' may argue for a 
sequence of steps involving not too dissimilar unimolecular rate constants. 
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F. Perturbation of Equilibria 


Many enzymes catalyze reactions to an equilibrium state where there are 
comparable concentrations of reactants and products present. In principle such 
reactions are amenable to study by techniques developed by Eigen and collabora- 
tors!22.!23 which very rapidly displace the equilibrium position, e.g. by a thermal 
shock, presuming some suitable means of detecting the return to the original 
equilibrium state. The ‘relaxation’ of a chemical system involving n intermediates 
to its ultimate equilibrium state would be characterized by a discrete spectrum of 
n + 1 relaxation times which can be related to the rate constants of the several 
steps. The detection and resolution of these relaxation times offer the possibility 
of examining steps in an enzyme catalyzed reaction which occur too rapidly to be 
studied by conventional mixing methods. 

One relaxation time for a system of the type III-A-(1) is readily observable, 
namely, that characteristic of the approach to equilibrium through intermediates 
present at their steady state concentration levels'*4."25. This quantity (7,g,) is 
given by 


[1 + (S/Kg\1 + V/V 
(Vel/Ke + Vp/Kp) 


where S is the equilibrium concentration of S. Since the maximum velocities are 
proportional to the enzyme concentration, 75, may be adjusted to a conveniently 
measurable value. Such measurements have been made with the fumarase 
catalyzed reaction yielding results in conformity with those derived from the 
usual initial velocity studies™.'™. Further, the values of dissociation constants 
for competitive inhibitors may be readily determined by studying 75 as a func- 
tion of the inhibitor concentration™. 

The sine qua non for the application of equilibrium perturbation methods to 
the examination of the rates of establishment of new concentration levels of the 
intermediates is the development of means for the detection of concentration 


changes no greater in magnitude than accessible enzyme concentrations. The 
relaxation times may well be of the order of microseconds or less!™*. 
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REACTION INDEX 


REACTIONS for which rate data are given in the text are indexed below under the general headings 

A. Reactions in Gases 

B. Surface Reactions 

C. Reactions in Condensed Phases 
In each section, reactions of atoms, free radicals, ions. molecules and excited molecules are 
grouped together in alphabetical order of the reactant which characterizes the type of reaction. 
Reactant formulae as normally written are used in the case of non-aromatic molecules and 
reactant names are used for aromatic molecules and molecules of biological importance. Thus 
the reaction NO + O will be found under O + NO, reactions of CD, precede those of CF, 
which are followed by CH, reactions whilst CH,O, HO, and OH follow C,H,, in that order. 
Reactions are not indexed in more than one category 

The rate data referred to may be in the form of rate constants, ratios of rate constants, 

Arrhenius parameters, recombination coefficients, reaction cross-sections or relative efficiencies 
of third bodies Equilibrium constants are not included except insofar as they are used to 
obtain one rate constant from another 


A. REACTIONS IN GASES 


page 


Atoms 
2, 3, 4, 5, 6) 


RH -HBr+R 
H, CH,, C,H,, 


RH HCl R 
H, CH,, C,H,, cyclo C,H, 


CH,CHO 
CO +M-CO,+™M 


H,-OH +H 
(R = C,H,, >CH, >C) 
H,O -- 20H 


H + C,H, ~C,H, 
H + C,H,, H, + C,Hes-: 
3 


4, 8) 


NO NO, + hy 
NO N 


NO + M -- NO, 4 
N,, O,) 


N,O -+ 2NO 


page 
(R CH, >C) “Ce 35, 36 
(R 35 
35 
(M 30 
29, 58, 64 
59 
25.2 
$2, 54-56 | 25, 26 
O 26, 27 
H + > + 52, 54-56 | O M 25. 
H + H,-+H,+H 621 0.4 28 29 
H+0O,-OH+H 29, 45-47, 63 | + NO, +0, + NO 27 
+ HO, + 29, 47,48 | NO, + M-+NO, + M 
: (M = N,) 
+O+M--+NO4N 3 
N A‘ 0+0+M~+0,+M 22 
N+0,--NO+0 27 (M = Ar) 
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page 
19, 20, 22 
Ar, Hs, Ny, N,O, O,, Os, 


> 20, 20 


»+M-»+SO,+M 30 
O,) 


Free Radicals 

CD, + R+CD,R 

(R = CH,, C,H;, C,H,CD,) 
CF, CF, > C.F, 
CF, + RH-~CF,H+R 

(R CH;, C,H,, >CH, >C) 
CF,Cl + R — CF,CIR 

(R = CF,CICF,) 
n-C,F, + D, ~n-C,F;D + D 


n-C,F,; + RH n-C,F-H +R 
(R = H, CH,, cyclo-C,H,) 
CH, + R +CH,R 
(R = CD,, CF;, CH,, 
n-C,H,, CH,CHO, CH,COCH,) 
CH, + M—CH,M 
(M = C.H,, C.H,) 
CH, + RH+CH,+R 
(R = CH,, —CH,, >CH,>C) 
CH, + RCHO + CH, + RCO 
(R = CHy,, C,H;, C3H,, C,H,) 
C,H; + C,H, +H 
C.H, + R+C,H,R 109, 
(R = C,H,, C,H., C,F;, CsH,CO) 
C.H,; + M—C,H,M 
(M = C,H,; C:H,; 1-C,H,,; 
2,3,3-(CH,)5-1-C,H,; 

C,H; + RD+C,H,D +R 116 
(RD = D,;(CH,CD,),CO;(C,D,),CO) 
C,H, + C,H, ~ C,H, + C,H, 111 
+ RH+C,H, +R 116, 117 
(RH = cyclo-C,H io; 

n-C;H,¢; 1-C,H,,; trans-4-C,H,,: 

C,H;.CHO; CH,COC,H,; (C,H,).CO; 

(CH;CD,),CO; (C,H,),Hg; (C,H,).N,) 
n-C;H,; + C,H, + H 
n-C,H; C,H, + CH, 


110 


116 
116 


109, 110 


122 


12? 


n-C,H, + R--C,H,R 
(R n-C,H,; n-C,H,) 


n-C,H, + M-C,H,M 
(M = 


n-C,H, + n-C,H,; - C,H, + 


n-C,H, + RH-C,H, +R 116, 
(RH = n-C,H,CHO; (n-C,H,),CO) 


i-C,H, + C,H, + H 
i-C,H, - C,H, + CH, 


i-C,H, R 
(R n-C,H,) 


C,H, 


i-C,H, + M—C,H.M 
(M = C,H,; C,H.) 


i-C,H, + i-C,H, -C,H, 4 


i-C,H, + RH-C,H, + R 
(RH = i-C,H,CHO; [(CH,),.CD],CO; 
(i-C,H,),N,) 


n-C,H, - C,H, + CH, 
n-C,H, - C,H, + C,H, 


n-C,H, + M-+C,H,M 
(M C,H, 


n-C,H, + n-C,H, — CyHy + 


n-C,H, + RH +C,H,y +R 
(RH = n-C,H,CHO) 


i-C,H, + C,H, + H 
i-C,H, + C,H, + CH, 


i-C,H, + M-—-+C,H,M 
(M C,H,) 


i-C,H, + i-C,H, C,H, 


i-C,H, + RH+C,H, +R 
(RH = i-C,H,CHO) 


sec-C,H, + C,H, + CH; 


sec-C,H, + M +C,H,M 
(M = C,H,) 
sec-C,H, + sec-C,H, —> C,H,, + 


sec-C,H, + RH ~C,H,, +R 
(R = sec-C,H,CHO) 


-C,H, + H 
>C;H, + CH, 


tert-C,H, + M C,H,M 
(M = C.H,) 


C,H, 


C,H, 


C,H, 


C,H, 


tert-C,H, 


tert-C,H, 
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122 
110 
122 
| 
114 
11 
116 
122 
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. 
4 
116 
122 
an 
122 
111 
116 
122 
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Ke ice 


tert-C,H, + tert-C,H, 4 


RH +R 
tert-C,H,CHO) 


tert-C,H, + 
(RH 


cyclo-C,H, + cyclo C,H, -> C,H, 


Cy 


cyclo-CH,-C,H, + 
C,H, + CH,C,H, 
cyclo-C,H,, 4 
CH,O 
(R 
HO, + 
(R 
RO, 4 
(R 


cyclo-C,H,, — 


RH -- CH,OH + R 
CH,, —CH,, >CH, > C) 


RH +H,O, +R 
CH,, —CH,, >CH, > © 


RH -RO.H +R 
CH,, —CH,, >CH, >C) 


Tons 


D, 
H, 
HD 
HD 
+ C,H, 
C.H, 
CD, 
CD, 
CH,) 
C.H, 
C,H, 
cz. 
CH,C! 
HCl)* 
H.S 
NH, 
C,H, 
C.H, 
CH, 


ArD* 

> ArH 

ArD 

>» ArH* 

> C,H 

> C,H, 

> 

> 
>CH,D* 
> CD,H 
>CD,H 
>CD,H 

CD,H 

>CD,H* 

CD,H 

> CD,H* 

> 

> C,H,* 

> 

>» CHS* 

> CH,S 


D, 
CD, 
CH, 
C,H, 
C,H, 


Cl 
SH 


cyclo-CH,-C,C, — 


CH.CI 
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page 
i, 111 


116 


CH,’ 


(CH, 
CH,’ 
CH,’ 


»H,Br* 


HI’ 


¢ 


| C\H,NO,- 4 
| CH,OH" 


cr 
cl’ 
Cor 
D, 


D,O* 


(CH, + 


+ CH,l 


+ D, 
+ O, 
(D,O 4 


CH, 
H,)’ 
HCl)" 
H.S 
H.S 

2H, 


CH,’ 
> 
> CH,* 
>» CHS* 
» CH,S* 
> C,H," 
> C,H, 
> C,H,’ 
> C,H,* 
C,H," 
> C,H,* 
> CH," 
C,H, 
>HD,O 
C,H,’ 
> 
HD,O* 


Cc, 


D,O 


CH,I 
C.H,I 
- 
CHI 
C.H,I 
C.H,I 
so, 
CH,OH 


- CHI, 
CHI," 
>I,* 
CH,I,* 
> C,H, 


SO, 


> 
» CDO* 
>D,* 

+ D 
CH,)* HD,O* 
+ cyclo-C,H, 


D, D 


D 


+ CH, 
-H 


C,H, 


+ CH, 


H 


+ C,H, 


C,H, 


+ CH, 
+ C,H,Br C,H,,Br,* 


CH, 


+ C,H, 
2H, 


81, 83, 


81, 83, 


+ C,H, 


> 
> 


C,H,NO, 


-» CH,OH,* 


+ CH,O 


+ CH, 
T C,H; 


82, 83, 


CH, 
HD,O* 4 


84, 85, 


C,H; 
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CH, 87 
cl 87 
111 | 
| 2H, +H 93 
111 | H,+H 93 
H, 92 
| H, 92 
| C,H,’ H 83, 92 
114 | 
114 | 92 
| 87 
114 | C,H, CH, 92 
| C,H,* + D,O 87 
Ar’ 84, 85,87 | C.H,+ + C,H 92 
Ar’ 82, 83, 84, 85, 87 | C,H,* + C,H | 9? 
Ar 84, 85,87 | 4 87 
Ar’ 84, 85,87 | Comms 93 . 
l C, | 92 88 
H, 92 ( 
cD 80,92 | 93 
CD, 80,87 | — 
(CD, 87 | CHI I 93 
CD, 87 Hl 93 
CD, 87 HI 93 
CD, 87 93 
CD, — i337 
(CD, 87 88 
88 
cD, NH, 87 | 
CH H 92 | 
CH, H, 92 | 88 
CH, 2H, 93 87 
CH,’ H, 93 | 


Reaction Index 


page 
+ +HD,O* + C,H, 87 | H,S* + H,S H,S* + SH 


+ D,O ~ D,O* + OD 87 | I+ + CH,I +I,* 4 CH, 
H, ~ HD,O* + H + + HI,* + C,H, 
H,O + OH : 94 | 
+H, +H 
+ O, +HO,* +H 
HBr* + HBr - H,Br* + Br 
(HCl + CD,)* + HDCI* + CD, 
(HCI + CH,)* + H,Cl* + CH, 
HCl* + HCl + H,Cl* + Cl 
HI* + CH,I CH,I,* + H 
+ H 
CH, + 3 | Ol- + Br 


+ D, KrD 
H, KrH* 
D,--N,D 
NeH 
CH,I Ol CH, 
CH,NO, - CHNO, + H,O 
CH,NO, - CH,NO,- + OH 
Ol I 


(H,O + CH,)* H,O CH, *+N,-NO*+N 
H,O* + H,O -» H,O* + OH 87 | O- + NO, + NO,- + O 
H,S* + CD, + H,DS* + CD, 8 SO, SO,- + SO 


B. SURFACE REACTIONS 


Atoms 


H — 4H, (surface) 
(Surface = alloyed steel, Au, graphite, Pt, quartz, quartz treated with HF and 
K,B,O,, W, ZnOCr,O,) 

O - 40, (surface) 
(Surface = Ag, Au, Cu, Fe, Mg, Ni, BaCl,, CsCl,, KBr, KCI, KF, KI, LiCl, 
NaCl, Al,Os, As,O5, CaO, CoO, Cr,O,, CuO, Fe,O4, Ga,O4, GeO,, 
MgO, MnO,, MoO,, NiO, P,O,;, PbO, Sb,O,, SnO,, WO;, ZnO, Pyrex, Silica, 
Vycor) 


C. REACTIONS IN CONDENSED PHASES 


Tons page 


CH,BrCO,~ + S,0,=(+ M*) + CH,S,0,CO,= + Br-(+M*) 167, 172-174 
(M* = Ba**, Ca**, K*, Mg**) 


CHBrCO,- CBrco,- 
+ OH- + + Br- + H,O 
CHBrR CHR 


(R = CH;, H) 
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+ OH- 


CH(OH)R, ‘CHR, 
(R, = COO-,H; R, = COO-, C,H, 
CH,CO,- + H,O* + CH,COOH + H,O 


(CH,CO,-),CO(+M*) + CH,COCH,CO,~ + CO,+M*) 
(M* = Cd**, Co**, Cu**, La**, Mg**, Mn**, Ni**, Zn**) 

(CH,),S* + (CH,),N — (CH,),N* + (CH,),S 

2(CoBr(NH,),]** + Hg** + 2H,O - 2{CoH,O(NH,),]*** 

[CoBr(NH,),]** + [Co(NH,),OH]** + Br- 

H,O* + OH- 2H,0 


Electronically-excited Molecules A* 


3-acetylaminopyrene-5,8,10-trisulphonate* + B-> A* + 
(B (CH,),N, (CH,),.NH, CH,NH,, NH,, OH~) 
3-acetylaminopyrene-5,8,10-trisulphonate base* + BH* - 
(BH* CH,COOH) 
Acridine* + B —+ quenching 
(B benzylamine, (CH,),N, (C,H,),.N, (CH,),NH, 
CH,NH,, C,H;NH,, C,H,NH,) 
Acridine* +- BH* — A*H B 
(BH* = H,BO,, NH,*) 
Acridine*H* + B--+ A* + BH 
(B Meg(H,O)OH*, OH~) 
3-hydroxypyrene* B--A*B 
(B = pyridine, a-Cl-pyridine) 
3-hydroxypyrene-5,8,10-trisulphonate base* + BH* — A*H* + B 
(BH* H,O*) 
f-naphthoate* + BH* A*H* + B 
(BH* = H,O*, H,PO,) 
f-naphthol* + B- A* + BH* 
(B = CH,CO,~, C,H,CO,~, C,H,CO,-, HCO,-) 
Pyrene* + pyrene — (pyrene),* 


Salicyclic ester* = protomeric isomer* 


Enzymes 


Carbonic anhydrase (CO, + H,O -+ H,CO,) 

Catalase (2H,O, + 2H,O + O,) 

Chymotrypsin (p-NO,C,H,OCOCH, + H,O - p-NO,C,H,OH + CH,COOH) 
Fumarase (CH(CO,-) = CHCO,- + H,O + 
Glutamic dehydrogenase TPNH complex) 

Lactic dehydrogenase (+ DPNH — complex) 

Peroxidase (2H,O, -+ 2H,O + O,) 
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